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ABSTRACT
Selectively permeable membranes perform important roles in a wide range of
systems including naturally occurring lipid membranes in biological systems to engineered
polymeric membranes in filtration and energy technologies. In order to design technologies
that incorporate such membranes it is crucial to understand the behavior of these systems
on the molecular level so that optimal performance and maximum efficiencies can be
achieved. One of the main focuses of this thesis is how ionic hydration affects the transport
of electrolyte species through porous membranes. Molecular dynamics simulations are
used to examine this in detail both for model systems as well as for actual industrial
membranes including zeolite materials as potential ion exchange membranes (IEMs) in
energy systems such as redox flow batteries. In addition, model selective membranes are
used to computationally predict the phase equilibrium behavior of various gas/liquid
systems at experimentally difficult conditions.
Because of their safety, capacity, and small environmental footprint, redox flow
batteries (RFBs) have become an attractive form of energy storage. However, this
technology is not yet widely used commercially due to inefficiencies in the ion-exchange
membrane. The current technology widely utilizes polymeric membranes that have
stability problems in the highly reactive environment of the RFB and tend to break down,
shortening the life of the battery. Also, they present less than desirable selectivity for proton
transport, which is crucial to the overall efficiency of the battery. It has been proposed that
thin zeolite membranes will provide both the stability and the selectivity to improve the
iii

performance of RFBs and make their wide-scale application more feasible. A molecular
dynamics study of six zeolite framework types and the ions present in the vanadium-RFB
has been undertaken to determine their transport behavior and investigate at the molecular
level the requirements for suitability in IEM applications. In addition to investigating
different zeolite frameworks, the effect of composition was examined by introducing
different levels of aluminum substitution into the crystalline structure of one specific
framework, namely MFI. By investigating two characteristics, membrane loading and
intramembrane diffusion, it is possible to predict the overall ion permeability with the goal
of optimizing the amount of substitution for high proton permeability while maintaining
selectivity to undesirable ions.
Beyond these specific applications, model selective membranes were also used in
molecular dynamics simulations to predict phase behavior of various gas/liquid at
conditions difficult to achieve in experiments. This research was carried out to fill data
gaps that are urgently needed for the design of industrial processes for gas capture/ storage
or separation. By validating our models against limited experimental data available, we
show that molecular modeling can be a useful predictive tool for industrial applications.
Simulations are currently not widely used in industry for data prediction even though they
can be carried out at a small fraction of the cost of experimental studies.
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CHAPTER 1: INTRODUCTION AND SCOPE
When investigating various separation technologies, membrane-based separations
offer a very energy efficient alternative due to their ability to control the permeation of
various species. These permeable membranes are used in many applications in both
industrial and medical fields such as gas separation,1–4 desalination,5–8 dialysis,9–11
batteries,12–14 biosensing,15 and drug delivery16–18. The use of membranes in gas separation
has greatly increased in recent decades with predictions for the year 2020 estimating a fivefold growth in market share since 200019. This technology has become competitive due to
a number of factors including its lack of moving parts leading to minimal maintenance, and
the fact that unlike other techniques (liquid absorption or cryogenic distillation) it does not
require a phase change20. Molecular dynamics simulations have been used to study various
membrane materials and mechanisms of action21–26, and while these gas separation
membranes show great promise for the future, the focus of this thesis is in liquid-phase
separations and fluid/ membrane interactions.
Many such separations focus on aqueous electrolyte solutions, which also play an
important role in a wide range of industrial processes including: gas/ waste-water
treatment; electrodeposition; the production of energy (as in electrolytic batteries); and
separations via crystallization, distillation, or the membrane technologies discussed in this
thesis. These solutions are also responsible for many undesirable consequences such as
corrosion. Aqueous electrolyte solutions are used in these processes in a number of
chemical compositions (solutes), concentrations, and system conditions. While the
1

molecular properties of water are somewhat better understood, the addition of ions greatly
affects both thermodynamic and transport behavior. The prediction of these properties –
especially at high concentrations which exhibit highly non-ideal behavior – is a rather
difficult challenge that must be addressed during the design of industrial processes
involving these materials. Many theoretical, semi-empirical, and empirical models have
been proposed to address these needs and recent reports by Zematis et al.27, Pitzer28, Rafal
et al.29, Loehe and Donohue30, and Anderko et al.31 provide a detailed picture of the
thermodynamics of aqueous electrolyte systems at industrially relevant conditions. Of
particular interest is a modified nonrandom two liquid (NRTL) approach proposed by Chen
et al.32 that accounts for the electrolytic species as hydrated complexes rather than simple
ions for the purpose of estimating activity coefficients. The success of this method along
with a computational study by Paritosh and Murad33 suggests that simple electrolytes do
not behave as ions surrounded by bulk water, but as multi-atomic complexes consisting of
the ion and several water molecules loosely bound by Coulombic forces. These clusters of
ions and water influence a wide range of thermophysical and transport properties such as
viscosity, electrical/ thermal conductivity, and diffusivity. They especially have a
significant impact on the selectivity and flux rates achieved when using membrane-based
technologies for separation. The application of molecular dynamics simulations toward the
determination of such solution properties will be the main focus of CHAPTER 3.
The efficient design of membranes requires a deep and thorough understanding of
the membrane interactions with aqueous electrolyte solutions, which are crucial for the
success of many separation processes. The morphology and functionality of
semipermeable membranes allow for the passage of certain chemical species while at the
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same time blocking others from passing through the system. Many engineered membranes
that are in use today operate on the basis of molecular sieving (steric operations) for the
desired selectivity; that is to say, they operate by separating various species by size. The
desired flux is often determined by Coulombic forces that then facilitate the movement of
the desired species within the membrane. The first synthetic membrane of this type was
developed in the 1960’s by Loeb and Sourirajan5. These membranes contain pores of a size
such that larger molecular species cannot pass through, while still allowing for the transport
of smaller molecules. Depending on the system of interest and which materials must be
blocked from passage through the membrane, the pore size is selected to achieve the
necessary separation. This selection assumes that the relative sizes of the species to be
separated are known, but this is not always the case. As mentioned previously, an ion in
solution forms a complex with the surrounding solvent molecules such that the effective
size of the ionic species in aqueous solution is greater than that of the gas phase ion due to
the presence of a surrounding hydration layer. Depending on the free energy of solvation,
this hydration layer can be loosely or tightly bound and can greatly influence the transport
of the ionic species through porous materials. This is because a hydration shell that is not
rigid (primarily due to lower free energies of solvation) has the flexibility to squeeze into
smaller pores, which a rigidly held hydration would not succeed in entering. As stated
previously, CHAPTER 3 of this thesis aims to use molecular dynamics simulations to
further examine this phenomenon and provide guidance to engineers regarding the two
contributing factors: effective size of electrolytes in aqueous solution, and their free energy
of solvation in the design of more efficient membranes. These predictions can then be used
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to help reduce the experimental trials needed in designing new membrane-based separation
processes involving aqueous electrolyte solutions.
The mechanism discussed above plays a significant role in the application of
zeolites as a novel material for ion exchange membranes in battery technology and is
further studied in CHAPTER 4. As more effort is directed towards the generation of renewable
or green energy, the need for a cost-effective and efficient means of storing that energy becomes
an important issue. Methods of generation such as solar and wind power have shown the ability to
produce electricity that exceeds immediate needs, which must then be stored for later use. To
address this issue, redox flow batteries (RFBs) have been identified as a potential solution34,35 due
to their safety, high capacity, efficiency, and small environmental footprint. RFBs operate by
converting electrical energy to chemical energy that is stored in reduced and oxidized ionic species
(charging); this stored energy can then be converted back to electrical energy via electrochemical
reactions and harnessed for use (discharging). The general principle of battery operation and a
depiction of a functioning RFB operating within the renewable power system are shown in Figure
1.1.
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Figure 1.1: Schematic of redox flow battery operation, note action of selective ion exchange
membrane

To create an RFB with high storage capacity and high conversion efficiency, a number of
conditions are necessary: the electrode reactions (1.1) must be reversible, both the oxidized and
reduced species must have a high solubility in the electrolyte solution, and there must be a large
difference between the redox potentials. Several ion pairs have shown success in RFBs including
Fe/Cr36, Zn/Br37, and Zn/Ce38. The work here will focus on the well-known all-vanadium RFB39.

𝐶𝑎𝑡ℎ𝑜𝑑𝑒: 𝑉𝑂2+ + 𝐻2 𝑂 − 𝑒 − ↔ 𝑉𝑂2+ + 2𝐻 +
𝐴𝑛𝑜𝑑𝑒: 𝑉 3+ + 𝑒 − ↔ 𝑉 2+

5

(1.1)

During charging or discharging operations, electrons flow through an external circuit,
while protons remain internal and transport across the ion-exchange membrane (IEM) between two
electrode compartments. The IEM plays an important role in determining the efficiency and
lifetime of an RFB40. It must be electrically insulating and impermeable to the reactive, vanadium
species. Previously, most research and development has concentrated on ion-exchange polymers,
specifically sulfonated fluoropolymer-copolymers (commercially known as Nafion)41. These
polymer membranes have demonstrated good stability and proton conductivity that lend themselves
to applications in proton exchange membrane fuel cells (PEMFC) and direct methanol fuel cells 42
(DMFC). However, in RFBs, these membranes encounter two extreme operating conditions not
present in PEMFCs or DMFCs. First, the polymeric membranes have low proton selectivity over
multivalent cations. This leads to the crossover of reactive ions and reduces the cell efficiency and
lifetime of the electrolyte solutions41,43. Second, the highly oxidizing species present in RFBs tend
to degrade the polymer membrane under the acidic and high-temperature operating conditions44,45.
While improvements over the past few years have been made by modifying the polymeric
membrane to increase selectivity and stability41, these limitations still inhibit the use of RFBs due
to prohibitive cost and frequent maintenance necessary after electrolytic corrosion and ion
crossover. Research on new materials that could act as an IEM must be undertaken if RFBs are to
become a viable means of energy storage. The work presented in CHAPTER 4 proposes the use
of zeolite membranes as opposed to polymeric membranes. Zeolites are aluminosilicate crystals
with ordered pore sizes varying from 0.3 nm to >1.0 nm depending on the framework type. Zeolites
with high Si/Al ratios are electrically insulating and are extremely stable in both acidic and basic
conditions46–48. Previously, thin zeolite membranes have been used to confirm water/ion separation
via the size-exclusion mechanism49–51. It is predicted that thin film zeolite membranes could be
used as a superior class of IEMs in RFBs by addressing these issues exhibited by current polymeric
membranes. In order to demonstrate the feasibility of the zeolite IEMs, they must prove to be
selectively permeable to proton transport and not the cations present in the vanadium RFB, namely
6

the vanadium(II) ion (V2+), the vanadium(III) ion (V3+), the oxovanadium(IV), or vanadyl ion
(VO2+), and the dioxovanadium(V), or pervanadyl ion (VO2+). In CHAPTER 4 this selective
permeability will be examined using the molecular dynamics technique to study the solvation of
these vanadium-containing ions and the transport of water and ions through zeolite membranes
with various pore sizes. In addition, the relative composition of silicon and aluminum in the zeolite
material can be controlled during the fabrication process. The ratio of silicon to aluminum (Si/Al
ratio) can affect the properties of the membrane and may change the manner in which material is
transported through the channels. The effect of membrane composition on ionic permeability is
also examined in CHAPTER 4 in order to determine if there exists a level of aluminum substitution
that optimizes IEM performance. Such an optimum would indicate a system that should be
experimentally pursued in order to obtain the highest efficiency possible from the RFB.
While CHAPTER 3 focuses on designing better membranes for separation, and
CHAPTER 4 on modeling real membranes and their selective behavior, CHAPTER 5 uses
membranes as a tool in a computational setup in order to model and predict material properties –
in this case, Henry’s constant and the solubility of gases in liquids. The purpose of this investigation
is to better understand how molecular modeling may be used to evaluate and extrapolate phase
behavior, and here we apply it to multiple systems: the solubility of light gases (H2 and CO) in
solvents such as alkanes and alcohols, and water in n-alkanes at high temperatures. Accurate
estimates of H2 and CO solubility are needed for many industrial applications, for example FischerTropsch processes52–55, hydrogenation processes56,57, and corrosion analyses58. Experimental data
are often missing and need to be estimated. The approach used in this thesis is to first validate our
models by comparing with limited experimental data and then identify trends within and among
families of compounds, and to use these trends to estimate needed data. The idea of family trends
has been noted by Mathias and Watanasiri59, is used by the DIPPR 801 project to evaluate and
estimate pure-component data60, and has been used to understand and extrapolate data by Mathias,
Elliott and Klamt61, and Peterson62. Similar to the work of Mathias et al.61, the method in
7

CHAPTER 5 uses molecular simulations to improve estimation techniques. Data analysis and
molecular simulation are used together to identify the family trends in solubility and to extrapolate
data. In particular, the molecular dynamics (MD) approach of Murad and co-workers63–65 has been
used to first demonstrate applicability by accurately predicting available data, and then to estimate
data especially for extreme conditions where experimental investigations are either costly or
hazardous. Solubility data with n-alkanes as solvent are more widely available than those with nalcohols as the solvent, and data are also more abundant for the lower molecular-weight solvents.
We intuitively expect that the difference in gas solubility for a particular solute between the alkanes
and alcohols of a particular carbon number will diminish as the carbon number increases, and will
asymptote to a limit as the carbon number becomes very high. These intuitive notions are further
explored and discussed in CHAPTER 5.

8

CHAPTER 2: METHODOLOGY
2.1 Molecular Dynamics Fundamentals
Classical molecular dynamics (MD) is a technique that is used in computer-based
molecular modeling in which the equations of motion for a set of particles (atoms or
molecules) are solved to trace the classical time evolution of a system. In this manner, by
applying the laws of classical mechanics to systems of particles interacting via conservative
forces, this technique provides a numerical solution to the well-known N-body problem.
Molecular dynamics simulations can be used to study both static and dynamic systems,
providing access to thermodynamic as well as transport properties.66–68
MD is a fundamental technique in the study of dynamic systems67 and has made
significant contributions to many fields including the study of bimolecular systems69,
materials science70, and surface physics71,72. In these simulations, the atoms interact via
instantaneous forces, and their relative positions move accordingly. Therefore, they can
only be realistic to the degree that these forces, which are calculated as the gradient of some
potential energy function, u(r), match forces that atoms in the same configuration
experience in the real system. This shows that the selection of the proper potential energy
function is crucial to obtaining meaningful results. MD simulations can be seen as a bridge
between pure theory and laboratory experiments, acting as a “virtual experiment”. The
setup and execution of a typical MD simulation can be seen in the flowchart in Figure 2.1.

9

Figure 2.1: Flowchart of a typical MD simulation

2.2 Interaction Potentials
The basic physical interactions that occur in molecular systems can be described by
a system of equations called a force field. These equations provide expressions for the
instantaneous forces that act on the atoms which are then used to solve the equations of
motion73. This force field is typically divided into two categories: non-bonded interactions
and bonded interactions. Non-bonded force fields are made up of intermolecular Van der
Waals and Coulombic interactions. In molecular dynamics simulations, it is typical for this
type of interaction to be calculated as the sum of all pairwise interactions and to neglect
further many body potentials (this is known as the pairwise approximation):
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𝑢𝑛𝑜𝑛−𝑏𝑜𝑛𝑑𝑒𝑑 = ∑ 𝑢𝑉𝐷𝑊 + ∑ 𝑢𝑐𝑜𝑢𝑙
𝑝𝑎𝑖𝑟𝑠

(2.1)

𝑝𝑎𝑖𝑟𝑠

Bonded force fields denote the energy that arises from intramolecular bond
stretching/vibration, angular bending, and dihedral torsion:

𝑢𝑏𝑜𝑛𝑑𝑒𝑑 = ∑ 𝑢𝑏𝑜𝑛𝑑 + ∑ 𝑢𝑎𝑛𝑔𝑙𝑒 +
𝑏𝑜𝑛𝑑𝑠

𝑎𝑛𝑔𝑙𝑒𝑠

∑

𝑢𝑑𝑖ℎ𝑒𝑑𝑟𝑎𝑙𝑠

(2.2)

𝑑𝑖ℎ𝑒𝑑𝑟𝑎𝑙𝑠

All of these interactions are then summed to find the total energy of the system:

𝑢𝑡𝑜𝑡𝑎𝑙 = 𝑢𝑛𝑜𝑛−𝑏𝑜𝑛𝑑𝑒𝑑 + 𝑢𝑏𝑜𝑛𝑑𝑒𝑑

(2.3)

2.2.1 Intermolecular Potentials
Van der Waals Interactions
One of the most simple and most common ways to calculate the Van der Waals
interaction of pairs of atoms/molecules is the Lennard-Jones 12-6 (LJ) potential:
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𝜎𝑖𝑗
𝑢𝑖𝑗 = 4𝜀𝑖𝑗 [( )
𝑟𝑖𝑗

6

𝜎𝑖𝑗
−( ) ]
𝑟𝑖𝑗

(2.4)
)

This potential describes the energy between two particles i and j, where rij is the magnitude
of the distance vector between the two particles: 𝑟𝑖𝑗 = ‖𝒓𝒊 − 𝒓𝒋 ‖. The above potential
contains two parameters that define the shape of the energy curve: εij is an energy parameter
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that defines the depth of the potential well, and σij is a size parameter that defines the
collision diameter (Figure 2.2).

Figure 2.2: Representative Lennard-Jones potential with size and energy
parameters equal to unity.

This potential includes a repulsive component (1⁄𝑟)12 that dominates at short distances
and describes the overlap of electronic clouds, and an attractive term (− 1⁄𝑟)6 that
dominates at larger distances and describes dispersion forces present in the system.
Because at long ranges this potential scales with respect to 𝑟 −6, it can be considered
insignificant at distances beyond some cutoff distance, 𝑟𝑐 . This has the additional benefit
of reducing computational time, as not every pair in the system must be considered.
12

However, in order to avoid any energy fluctuations that may occur due to a truncated
potential curve, a shifted potential as described in (2.5) is often used.

𝑢𝑠 = {𝑢𝑖𝑗 − 𝑢𝑟𝑐 −
0

(𝑟 − 𝑟𝑐 )

𝑑𝑢
𝑟 ; 𝑟 ≤ 𝑟𝑐
𝑑𝑟 𝑐
; 𝑟 > 𝑟𝑐

(2.5)
)

The cutoff distance is not chosen arbitrarily and is usually a value in the range of 3𝜎 <
𝑟𝑐 < (𝑏𝑜𝑥 𝑤𝑖𝑑𝑡ℎ)⁄2. Further impacts of this decision are discussed in subsequent sections.

Coulombic Electrostatic Interactions
The interactions that arise between atoms i and j due to atomic charges are
calculated using Coulomb’s Law:

𝑢𝑐𝑜𝑢𝑙 =

𝑞𝑖 𝑞𝑗
4𝜋𝜖0 𝑟𝑖𝑗

(2.6)

Here qi and qj are the atomic charges on particles i and j, 𝜖0 is the permittivity of free space,
and 𝑟𝑖𝑗 is the distance between the two particles. Because these electrostatic interactions at
long range decrease with respect to (1⁄𝑟), they cannot simply be neglected beyond a
certain cutoff radius as in the case of the Lennard-Jones potential. These long range
electrostatic interactions beyond the cutoff radius can be calculated using a number of
different schemes including Ewald summation74, particle-mesh-Ewald methods75 (PME),
or multi-level summation meshing76,77. Ewald techniques map the charges onto a 3-
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dimensional grid and use Fourier transforms to sum all of the periodic images to obtain
contributions at “infinite” distances.

2.2.2 Intramolecular Potentials
These potentials are implemented in order to model the structure and behavior of
larger, multi-atomic molecules. They can be divided into a harmonic bond potential
between pairs of atoms connected by chemical bonds, harmonic angle potentials between
three atoms connected by two consecutive bonds, and torsion potentials that describe the
dihedral angle between three consecutive bond vectors. Cartoon representations of these
intramolecular interactions can be seen in Figure 2.3.
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Figure 2.3: Representations of intramolecular interactions; a) bond vibration b)
angle vibration c) dihedral torsion

Bond Vibration
The stretching of a bond between two particles i and j in a molecule is most often
described using a harmonic spring potential:

𝑢𝑏𝑜𝑛𝑑 =

1
2
𝑘𝑏 (𝑟𝑖𝑗 − 𝑟𝑏 )
2

(2.7)
)
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Here 𝑟𝑏 is the equilibrium bond distance, 𝑟𝑖𝑗 is the instantaneous distance between particles
i and j, and 𝑘𝑏 is the bond force constant that represents the stiffness of the bond.

Angle Vibration
Similar to the bond stretching, the bending of intramolecular angles is commonly
described using a harmonic potential as a function of 𝜃, the angle between the two bond
vectors:

𝑢𝑎𝑛𝑔𝑙𝑒 =

1
𝑘 (𝜃 − 𝜃0 )2
2 𝜃

(2.8)

Again, 𝜃0 is the equilibrium angle and 𝑘𝜃 is the angle force constant representing the
stiffness of the angle.

Dihedral Torsion
Dihedral potentials describe the out-of-plane angle, 𝜑, that occurs between four
consecutively bonded particles (Figure 2.3). There are multiple potential forms that can be
used, but one of the more common is known as the Optimized Potential for Liquid
Simulations78 (OPLS):
4

𝑢𝑑𝑖ℎ𝑒𝑑

1
= ∑ 𝑘𝑛 [1 + (−1)𝑛+1 cos(𝑛𝜑)]
2
𝑛=1
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(2.9)

Here the four 𝑘𝑛 are again force constants that must be defined for each system. It is also
important to note that the angle 𝜑 is defined to be zero in the cis- position and 180° in the
trans- position.

2.3 Implementation
2.3.1 Equations of Motion and Time Integration
In molecular dynamics simulations, the equations of motions are solved
numerically in order to observe the time evolution of the system. This is done using the
method of finite differences. While there are a number of specific techniques available, this
study utilizes the Velocity Verlet79 algorithm. First, a Taylor series is written for the
particle positions at the next timestep:

1
𝑟𝑖 (𝑡 + ∆𝑡) = 𝑟𝑖 (𝑡) + 𝑟𝑖′ (𝑡)∆𝑡 + 𝑟𝑖′′ (𝑡)∆𝑡 2 + 𝑂(∆𝑡 3 )
2

(2.10)

Here, 𝑟𝑖′ (𝑡) is equal to the particle velocity, 𝑣𝑖 (𝑡); and 𝑟𝑖′′ (𝑡) is the acceleration, 𝑎𝑖 (𝑡).
Because the particle velocities are needed not only to update the particle positions, but also
to calculate thermodynamic properties such as kinetic energy and temperature, a similar
Taylor expansion is written for the velocities at the next timestep:

1
𝑣𝑖 (𝑡 + ∆𝑡) = 𝑣𝑖 (𝑡) + 𝑣𝑖′ (𝑡)∆𝑡 + 𝑣𝑖′′ (𝑡)∆𝑡 2 + 𝑂(∆𝑡 3 )
2
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(2.11)

Here, 𝑣𝑖′ (𝑡) is the particle acceleration, 𝑎𝑖 (𝑡), but 𝑣𝑖′′ (𝑡) has no physical meaning in
classical dynamics. In order to derive an expression for this quantity, an additional Taylor
series is written for 𝑣𝑖′ (𝑡 + ∆𝑡):

𝑣𝑖′ (𝑡 + ∆𝑡) = 𝑣𝑖′ (𝑡) + 𝑣𝑖′′ (𝑡)∆𝑡 + 𝑂(∆𝑡 2 )

(2.12)

By rearranging and multiplying by ∆𝑡⁄2, the following is obtained:

1 ′′
1
𝑣𝑖 (𝑡)∆𝑡 2 = ∆𝑡[𝑣𝑖′ (𝑡 + ∆𝑡) − 𝑣𝑖′ (𝑡)] + 𝑂(∆𝑡 3 )
2
2

(2.13)

which can then be substituted back into (2.11).

Velocity Verlet Algorithm
The following prescribed algorithm should be used in order to perform the
molecular dynamics simulation:
1) Give the particles in the system initial positions as well as initial velocities. While the
positions can be random or regular, they should not overlap. Velocities are typically
assigned to random numbers from a Gaussian distribution matching the thermal kinetic
energy of the desired system.
2) Solve for the particle accelerations, using 𝑎𝑖 (𝑡) =

𝐹𝑖 (𝑡)⁄
𝑚 ; where the force on particle

i is equal to the opposite of the gradient of the total inter- and intramolecular potential
discussed in Section 2.2.
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𝑁

𝐹𝑖 (𝑡) = − ∑ ∇𝑢𝑡𝑜𝑡 (𝑟𝑖𝑗 (𝑡))

(2.14)

𝑗=1
𝑗≠𝑖

3) Update the particle positions to time 𝑡 + ∆𝑡 using (2.10).
4) Update the particle accelerations to time 𝑡 + ∆𝑡 using the same method as Step 2.
5) Update the velocities to time 𝑡 + ∆𝑡 using (2.11).
All quantities (𝑟𝑖 , 𝑣𝑖 , 𝑎𝑖 ) now exist at time 𝑡 + ∆𝑡, so the process can be repeated from Step
3. The error for this method is on the order of (∆𝑡)3 , so as long as a small enough timestep
is considered, the system should converge in a stable manner.

2.3.2 Periodic Boundary Conditions
While the capabilities of computers are always improving, molecular dynamics
simulations can only be performed on a relatively small number of particles that in no way
approaches the molar scale. In order to approximate a larger, bulk system, the use of
periodic boundary conditions is implemented. This technique also has the benefit of
eliminating any effects that may arise in confined dimensions where boundaries or wall
effects might come into play. The principle of periodic boundary conditions is that the
simulation cell is replicated infinitely in the three Cartesian directions. When a particle
exits through one of the planes forming the boundary of the simulation cell, it re-enters
through the opposite side (see Figure 2.4). In this manner, each particle can interact not
only with the particles in the simulation cell, but also with particles in the neighboring, or
“image” cells.
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Figure 2.4: A two dimensional representation of periodic boundary conditions,
simulation box, and neighboring “image” cells

Another principle of periodic boundary conditions is the “nearest image convention” in
which each particle i only interacts with the closest image of particle j. In order to ensure
this is the case, the cutoff distance for intermolecular interactions, 𝑟𝑐 , is chosen carefully to
be less than one half of the box width (as discussed in Section 2.2).
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2.3.3 Neighbor Lists
Neighbor lists are a tool that enable the computational time of these N-body
problems to be reduced. If every single pairwise interaction needs to be calculated at every
timestep, the computation time would scale with 𝑂(𝑁 2 ). On any given timestep, the
collection of particles within the cutoff radius cannot drastically change, one or two atoms
my exit the cutoff radius and one or two may enter. In order to implement the neighbor list
technique, a second radius, 𝑟𝑛 , must be defined such that 𝑟𝑛 > 𝑟𝑐 . Every particle that is
within this new radius goes onto the neighbor list. When calculating the force, only those
particles on the list need be checked and summed. If the difference between 𝑟𝑛 and 𝑟𝑐 is
large enough and the time step is small enough, the neighbor list will only need to be rebuilt
periodically.

2.3.4 System Setup
Before any time integration can be undertaken, the system must first be built and
the initial condition constructed. This is done by creating a virtual box and placing the
atoms within it by assigning them Cartesian coordinates. This coordinate assignment can
be accomplished manually, but is most often performed with the help of various software
packages designed with this purpose in mind. Atoms can either be placed on a regular grid
(which must be followed by greater equilibration time) or in a random manner (allowing
for faster equilibration). Whatever the choice, care must be taken so that no atoms overlap
in this initial condition. This could cause problematic forces to present themselves in the
system due to the 𝑟 −12 term in the potential, preventing the simulation from running.
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All of the systems examined in this thesis involve membranes and membrane
transport/ permeation. In order to study these phenomena, the following system setup has
been developed by our group. As seen in Figure 2.5, two membranes are used along with
periodic boundary conditions in all dimensions to create two separate solution/solvent
compartments in the x-dimension while the system can be considered infinite in the other
two dimensions.

Figure 2.5: Two membrane system setup used throughout this thesis

Note that due to the setup of this system, if any atoms cross through the periodic
boundaries, they re-enter the simulation box in the same compartment. In order for any
atoms in the system to move from one compartment to the other, they must pass through
one of the membranes. This allows for the creation of concentration gradients without
introducing artificial walls that can lead to artifacts such as edge effects. The membrane
transport observed in such a system is the result of a non-equilibrium chemical potential.
Another technique would be to apply a differential pressure across a membrane and observe
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the pressure driven transport; however, this method does not allow for the observation of
membrane permeation that arises due to concentration gradients present in the system.

2.3.5 Steered Molecular Dynamics
Steered molecular dynamics (SMD) is a technique that can be used to sample
configurations of the system that are of a higher energy and thus may not be obtained during
standard equilibrium simulations. It is a common method to observe and measure energy
barriers present within the system. This is done by moving the system (or part of the
system) along the desired “reaction path” and measuring how this causes the forces present
to change. Two common prescriptions exist in terms of this user-defined movement:
constant force, in which case velocities are monitored; and constant velocity, in which the
resulting forces are recorded. If the steering velocity is low enough (<< system thermal
velocity) and the path is reversible, then the work done on the steered particle can be related
through the Jarynski equality80–82 (2.15).

〈𝑒

−𝑊⁄
𝑘𝐵 𝑇 〉

=𝑒

−∆𝐺⁄
𝑘𝐵 𝑇

(2.15)

Using a cumulant expansion and neglecting all but the first term allows the average work
to be equated to the change in the free energy (2.16).

〈𝑊〉 = ∆𝐺
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(2.16)

By calculating a running average of the force on the steered particle over the distance
covered, we obtain the potential of mean force (PMF) which is used as a measure of the
free energy barrier crossed during this process.

2.3.6 Software Packages
A number of specialized software packages have been developed for molecular
modeling and each has its own purposes and strengths.

Initial System Setup
In the work discussed in this thesis, two different software packages were used to
construct the system in its initial configuration. Jmol83 was used for its ability to read the
Crystallographic Information Files (CIF) that build the zeolite membrane framework in
any layout of unit cells. Packmol84, another package for constructing initial conditions, was
used for its ability to produce random, non-overlapping configurations of molecules at the
desired density. A combination of these two pieces of software was able to build both the
regular crystalline structure of the membranes and the pseudo-random positions for the
surrounding ionic solutions.

Time Evolution
The solving of all finite difference time integration and pairwise force calculations
was handled by the Large-scale Atomic/Molecular Massively Parallel Simulator
(LAMMPS) developed at Sandia National Laboratory85. This is an ideal package, because
it has a very large range of built-in capabilities that aid in the elucidation of many different
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phenomena. In addition, it has the ability to interface with a multi-processor package in
order to reduce computation time. This occurs by dividing the simulation box into different
spatial regions that are each handled by a different processor, allowing for significant
speedup.

Visualization
In order to visualize the system in detail or to simply focus on a specific area, the
software package Visual Molecular Dynamics86 (VMD) was used extensively. It is able to
take output directly from LAMMPS and allow for the viewing of any or all species at any
point in the simulation.

Analysis
While much of the analysis can be performed by LAMMPS during the simulation
or afterward via a post-processing step, it was sometimes necessary to write a more
specialized or custom code to observe behavior. These scripts were constructed using
FORTRAN 95 and were designed to run on the LAMMPS trajectory output files.
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CHAPTER 3: DETERMINATION OF EFFECTIVE IONIC SIZE IN
BULK AQUEOUS SOLUTION
3.1 System Setup and Simulation Details
This molecular dynamics study utilizes the two membrane system setup discussed
in Section 2.3.4; therefore, it is only discussed briefly here (Figure 3.1a).

Figure 3.1: a) System schematic showing alternating solution/solvent compartments;
membranes with ring size of b) 5.7 Å and c) 8 Å; d) illustration of how the hydration
shell contributes to the effective ionic radius
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The model membranes in this study consist of a single atomic layer of silicon atoms
arranged in an array of 8-membered rings (Figure 3.1b and Figure 3.1c). Systems with
ring sizes of either 5.7 Å or 8 Å were used, and by adjusting the size of these ring atoms a
range of pore sizes (from 3.4 Å to 7.0 Å in increments of 0.1 Å) were prepared One
compartment consisted of pure water while the other contained an ionic solution of 5 mol%
for the various mono- and bivalent salts or 3 mol% for the trivalent salts. At these
concentrations the systems exist below the hydration limit and the ions undergo minimal
pairing in solution. The cations examined include 5 monovalent alkali ions (Li+, Na+, K+,
Rb+, Cs+), 4 bivalent alkaline earth ions (Mg2+, Ca2+, Sr2+, Ba2+), and 8 ions from various
groups (Ag+, V2+, Fe2+, Zn2+, Al3+, Ti3+, Fe3+, Cr3+). The chloride ion (Cl-) was used as the
counter ion in all cases. The number of solvent molecules in the solution compartment was
adjusted in order to achieve the correct solution densities in the various systems. Densities
for LiCl, KCl, NaCl, MgCl2, CaCl2, SrCl2, BaCl2, ZnCl2, FeCl2, AlCl3, CrCl3, and FeCl3
solutions were found at various system conditions using the correlation developed by
Laliberté and Cooper87. The remaining densities were estimated using species from the
same valence family. All membrane atoms were tethered to their initial positions using a
simple harmonic potential. Short-range site-site interaction potentials used a combination
of the Lennard-Jones (LJ) potential (2.4) and the Coulombic potential (2.6). Long-range
electrostatics were computed using the particle-mesh Ewald scheme (PME) discussed in
CHAPTER 2. These potentials were summed over all sites to obtain the total
intermolecular interactions. The common SPC/E model was used for water88 while the
models for the various ions were taken from a number of previously published studies:
Joung et al.89 for monovalent ions in Group I; Mamatkulov et al.90 for bivalent ions in
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Group II; DuBois et al.91 for Ag+; Aguilar et al.92 for Fe2+; Ansari et al.93 for Zn2+, Li et
al.94 for V2+, Faro et al.95 for Al3+, and Won96 for Ti3+, Fe3+, and Cr3+ (See Table 3.1 for
parameter tabulation).

Table 3.1: Lennard-Jones parameters for various ions
Ion
ε, kcal/mol
σ, Å
+
Li
0.307
1.420
+
Na
0.357
2.158
+
K
0.430
2.838
+
Rb
0.446
3.095
Cs+
0.098
3.577
+
Ag
0.205
1.834
Cl
0.0106
4.33
2+
Mg
0.141
1.630
2+
Ca
0.225
2.410
2+
Sr
0.0598
3.100
2+
Ba
0.0177
3.820
2+
Fe
0.013
2.594
2+
V
0.0108
2.432
2+
Zn
0.0125
1.960
3+
Al
0.2166
1.4472
3+
Ti
0.100
1.2882
3+
Fe
0.180
0.745
3+
Cr
0.180
1.197
Note that the charge assigned to each ion is +1 for monovalent cations, +2 for bivalent
cations, +3 for trivalent cations, and -1 for the chloride ion

The membrane atoms have no charge and their LJ size parameter, σmem, was varied (from
1.0 Å to 2.5 Å) in order to fine tune the pore size and determine at which value the
membrane became impermeable to each cation. The pore diameter, dpore, is defined in (3.1)
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where dc-c denotes the center-to-center distance of the membrane atoms across the 8membered ring.

𝑑𝑝𝑜𝑟𝑒 = 𝑑𝑐−𝑐 − 𝜎𝑚𝑒𝑚

(3.1)

Simulation Details
The open source software package Packmol84 was used to construct the initial nonoverlapping random solute/solvent configurations. All simulations exist at non-equilibrium
conditions and were run using the LAMMPS simulation package85. Energy minimization
was performed using the Polak-Ribiere conjugate gradient method and the Verlet algorithm
was used to carry out the time integration. A Nosé-Hoover thermostat was applied to the
NVT ensemble throughout the simulation in order to maintain a constant temperature of
300 K. A timestep of 1.0 fs was used for runs of 5000000 steps (5 ns).

Model Verification
The existence of the hydration shell surrounding an ion results in its effective size
in aqueous solution being larger than the ionic radius (Figure 3.1d); therefore, the
hydration shell of each ion was examined and compared with experimental values in order
to ensure that the models display the correct behavior in bulk solution. The ion-water radial
distribution function (RDF) was found for each ion in solution. The distance of the first
peak from the origin represents the average ion-water distance, dI-O, in the first hydration
shell. Values found in this analysis are compared (Table 3.2) with experimental diffraction
values, and previous computational results compiled by Marcus97. These were found to
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have good agreement, demonstrating that the hydration shells in our simulations are
structurally realistic.

Table 3.2: Cation- water distance within the first hydration shell of the simulated ions
Ion
Li+
Na+
K+
Rb+
Cs+
Ag+
Mg2+
Ca2+
Sr2+
Ba2+
Fe2+
V2+
Zn2+
Al3+
Ti3+
Fe3+
Cr3+

dI-O, Å
Marcus97
This work
1.98 ± 0.12
2.08 ± 0.07
2.34 ± 0.12
2.36 ± 0.06
2.7 ± 0.12
2.8 ± 0.081
2.94 ± 0.12
2.89
3.1 ± 0.12
3.14 ± 0.076
2.22 ± 0.12 2.41 ± 0.021
1.98 ± 0.12 2.09 ± 0.041
2.36 ± 0.12 2.42 ± 0.052
2.46 ± 0.12
2.64
2.7 ± 0.12
2.9
2.1 ± 0.12
2.11 ± 0.01
2.1 ± 0.12
1.98 ± 0.12 2.10 ± 0.066
1.86 ± 0.12 1.89 ± 0.015
1.80 ± 0.12
1.83 ± 0.12
2.03 ± 0.02
1.80 ± 0.12 1.97 ± 0.032

In addition to the structures of the hydration shells, it is also important to ensure that these
systems are behaving correctly in terms of energetics. In order to measure the solvation
energy of each ion, the technique of thermodynamic integration98 was used as described by
Smith et al.99. These values are compared to experimental data from Marcus100. Again, our
simulations show good agreement with experimental results (Table 3.3), and all calculated
solvation free energies are within 10% of experimental values except for the Li+ ion which
presents a discrepancy of ~13%. This is another indication that these models provide a
good representation of the ions in bulk aqueous solution.
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Table 3.3: Free energies of solvation of each metal cation obtained via thermodynamic
integration at 298 K
Ion
Li+
Na+
K+
Rb+
Cs+
Ag+
Mg2+
Ca2+
Sr2+
Ba2+
Fe2+
V2+
Zn2+
Al3+
Ti3+
Fe3+
Cr3+

-ΔGsolv, kcal/mol
Marcus100
This work
129.1 ± 7.8
113. ± 3.1
96.3 ± 6.3
87.2 ± 3.1
76.4 ± 2.0
70.5 ± 3.1
67.9 ± 4.0
65.7 ± 3.1
59.4 ± 1.3
59.8 ± 3.1
104.8 ± 2.2
103. ± 3.1
470.7 ± 11.7
437. ± 3.8
377.8 ± 8.5
360. ± 3.8
353.8 ± 9.0
330. ± 3.8
319.4 ± 2.9
299. ± 3.8
424.9 ± 16.9
440. ± 3.8
435.1 ± 16.3
436. ± 6.0
476.8 ± 13.1
467. ± 3.8
1010.5 ± 32.1
1080 ± 4.8
1034.2 ± 34.0
960. ± 7.2
1092.5 ± 37.4
1020 ± 4.8
1039.8 ± 34.8
958. ± 7.2

3.2 Correlation for Ionic Size
When the pores are large enough, ions permeate the membrane relatively quickly
in order to balance the initial concentration (chemical potential) gradient. By adjusting the
LJ size parameter of the membrane atoms to decrease the size of the membrane pore, this
initial permeation rate also decreases. A small enough pore leads to no ionic permeation,
and this case is defined here as the critical pore diameter, dc, the largest value of dpore which
no longer allows for the permeation of the hydrated ions. This successive decrease in the
penetration fate of the ions is shown in Figure 3.2.
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Figure 3.2: Potassium ion penetration during 5 ns simulations at 300 K. Note
decreasing transport rate as pore size also decreases.

These values can be scaled by the ionic diameter based on the crystal ionic radii of
Shannon101 to produce the dimensionless relative critical pore diameter, dc*; all values are
shown in Table 3.4. The decreasing trend of the relative critical pore diameter with
increasing number of core electron shells in each group of ions correlates with the
decreasing stability of the hydration shell. Those ions with high surface charge densities
(such as Li+, Mg2+, and Al3+) interact with the shell waters more strongly than they do with
the membrane atoms. This means that in order for each of these ions to pass through the
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pore, it must be able to carry its hydration shell along with it; thereby explaining the need
for a pore that is greater than ~2.5 times the size of the bare ion.

Table 3.4: Critical pore diameter and relative critical pore diameter for hydrated
ions, 300 K
Ion
Li+
Na+
Ag+
K+
Rb+
Cs+
Mg2+
Zn2+
V2+
Fe2+
Ca2+
Sr2+
Ba2+
Al3+
Fe3+
Cr3+
Ti3+

dc, Å
4.7 ± 0.2
4.4 ± 0.2
4.7 ± 0.2
4.1 ± 0.2
4.1 ± 0.2
4.0 ± 0.2
5.8 ± 0.1
5.7 ± 0.1
5.8 ± 0.1
5.7 ± 0.1
6.0 ± 0.1
6.1 ± 0.1
6.1 ± 0.1
6.2 ± 0.1
6.2 ± 0.1
6.1 ± 0.1
6.1 ± 0.1

dc*
2.61 ± 0.22
1.90 ± 0.17
1.82 ± 0.16
1.35 ± 0.13
1.23 ± 0.12
1.10 ± 0.11
3.37 ± 0.23
3.24 ± 0.23
3.12 ± 0.22
3.10 ± 0.22
2.63 ± 0.28
2.31 ± 0.15
2.05 ± 0.13
4.59 ± 0.30
4.49 ± 0.29
4.03 ± 0.26
3.77 ± 0.25

𝒅𝑺𝒉𝒂𝒏𝒏𝒐𝒏
0.9
1.16
1.29
1.52
1.66
1.81
0.86
0.88
0.93
0.92
1.14
1.32
1.49
0.675
0.69
0.755
0.81

At the other extreme, ions with low surface charge densities (such as Cs+ and Rb+) are not
as strongly attracted to their shell waters; their hydration shells are more likely to deform
to allow for the hydrated ion to pass through the pore. This means that for these cases the
pore size can be roughly equal to the size of the bare ion (𝑑𝑐∗ ≈ 1). Figure 3.3 shows the
effect that surface charge density has on the relative critical pore size. In this figure, the
dimensionless relative critical pore size is plotted against the dimensionless relative surface
charge density.
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Figure 3.3: Relationship between relative critical pore size and surface charge density
of various monoatomic metal cations. The dashed line is the correlation presented in
(3.3)

Here the relative surface charge density is defined as:

𝜌𝑞∗ =

𝑧
1
)
2 (𝜌
4𝜋𝑟𝑖𝑜𝑛 𝑞,𝑁𝑎

(3.2)

where z is the ionic charge, rion is the Shannon ionic radius in Å, and ρq,Na is the surface
charge density of the sodium ion. By this definition, the sodium ion has a relative surface
charge density equal to unity. As displayed in Figure 3.3, a clear trend exists that spans all
three ionic valence families. The dotted line is mathematically described by a logarithmic
relationship shown in (3.3) with the parameters fit only to the monovalent ions.
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𝑑𝑐∗ = 1.1𝑙𝑛(𝜌𝑞∗ ) + 1.88

(3.3)

This correlation for the monovalent ions seems to describe the results found for the bivalent
and trivalent ions just as well, suggesting that (3.3) could be used to predict the critical
pore size for a wide range of cations. This predictive procedure for a molecular sieve that
excludes a particular ion is outlined as follows:

1) First obtain the Shannon ionic size of the ion in question;
2) Calculate the relative surface charge density of the ion using (3.2);
3) Calculate the relative critical pore size using (3.3);
4) Obtain the true critical pore size by multiplying the result in step 3 by the Shannon
radius;
5) Choose a molecular sieve that has a pore size smaller than this critical pore size. This
procedure can aid in choosing the appropriate molecular sieve for removing ionic
contaminants from an aqueous solution.

3.3 Correlation for Free Energy of Solvation
This critical pore size is strongly linked to ionic charge, charge density, and free
energy of solvation. A further empirical correlation was sought that would enable the
prediction of the free energy of solvation based on an observation of the effective ion size.
We offer the relationship in (3.4) which correlates the free energies of solvation as a
function of ionic charge and the relative critical pore size.
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∆𝐺𝑠𝑜𝑙𝑣
= (0.4𝑑𝑐∗ − 0.8)(𝑧 − 0.25)1.5
⁄∆𝐺
𝑠𝑜𝑙𝑣,𝑁𝑎

(3.4)

These are found relative to the solvation free energy of the sodium ion where ∆𝐺𝑠𝑜𝑙𝑣,𝑁𝑎 is
the experimental value at 298 K. Here, again, the parameters are fit to a subset of the data
which only included a single ion from each valence level (Li+, Mg2+, and Al3+). This
expression reproduces the experimental data well, carrying an average error of ~7% (cf.
Figure 3.4). This technique can be seen as the reverse of the procedure above; here
predictions are able to be made about ionic properties based on observations of whether or
not ions are able to be transported through membranes containing pores of various sizes.
This is similar to the correlation offered by Smith102 in which the enthalpy of solvation was
expressed as a function of ionic charge and the Pauling univalent radius.
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Figure 3.4: Predictions for solvation free energy from the correlation in (3.4)
compared to experimental results

3.4 Temperature Effects
3.4.1 Effect of Temperature on Effective Ion Size
As the effective ion size observed using this method is associated with the stability
of the hydration shell, this size should be seen to decrease as temperature increases. To
examine this temperature dependence, the effective size of 4 ions (Li+, Cs+, Mg2+, and Ba2+)
was determined in the same manner described above from simulations carried out at
temperatures of 325 K, 373 K, and 400 K (Table 3.5). This particular subset of ions
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represents the species that have the lowest and highest charge densities among the
monovalent and bivalent groups.
Table 3.5: Effect of temperature on the critical pore diameter for subset of ions.
Temperature, K
300
325
373
400

dc, Å
Li+

Cs+

4.7 ± 0.2
4.6 ± 0.2
4.5 ± 0.2
4.4 ± 0.2

4.0 ± 0.2
3.7 ± 0.2
3.5 ± 0.2
3.5 ± 0.2

Mg2+
5.8 ± 0.1
5.7 ± 0.1
5.5 ± 0.1
5.5 ± 0.1

Ba2+
6.1 ± 0.1
6.0 ± 0.1
5.9 ± 0.1
5.7 ± 0.1

As expected, the relative critical pore size decreases as the system temperature is increased.
The logarithm of the relative pore size varies linearly with inverse temperatures (Figure
3.5) indicating an Arrhenius-like behavior.

Figure 3.5: Arrhenius-type behavior of effective ion size with temperature, the slope
of the line is proportional to an activation energy associated with the effective ion size
change and is an indication of the thermal sensitivity
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All remaining ions were investigated at 400 K in order to apply the relationship found in
Figure 3.5 (Table 3.6).

Table 3.6: Critical pore size of remaining ions at 400 K
Ion
Na+
Ag+
K+
Rb+
Zn2+
V2+
Fe2+
Ca2+
Sr2+
Al3+
Fe3+
Cr3+
Ti3+

dc, Å
4.1 ± 0.2
4.4 ± 0.2
3.7 ± 0.2
3.6 ± 0.2
5.4 ± 0.1
5.6 ± 0.1
5.5 ± 0.1
5.4 ± 0.1
5.7 ± 0.1
6.0 ± 0.1
6.0 ± 0.1
5.9 ± 0.1
5.9 ± 0.1

In each case we found the Arrhenius activation energy that represents the sensitivity that
the effective ionic size displays to varying temperatures. Over a 100 K temperature range,
this change is ~10-12% for species with low relative charge densities (< 1.0) and ~3% for
species with high relative charge densities (> 6.0) which validates the assumption that
variation of the effective size is due to the variation of the stability of the hydration shell.
Prediction of the size of the complex as a function of temperature can therefore be
accomplished using (3.5).

𝑑𝑐∗ (𝑇) = 𝑑𝑐∗ (𝑇 = 298 𝐾)𝑒 −𝐸𝑎⁄𝑅𝑇
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(3.5)

The activation energies associated with the critical pore diameter, Ea, found in this manner
for each ion are available in Table 3.7 and plotted in Figure 3.6 to show their relationship
to experimental free energies of solvation in bulk aqueous solution.

Table 3.7: Size change activation energies calculated using (3.5)
Ion
Li+
Na+
Ag+
K+
Rb+
Cs+
Mg2+
Zn2+
V2+
Fe2+
Ca2+
Sr2+
Ba2+
Al3+
Fe3+
Cr3+
Ti3+

-Ea, kcal/mol
0.148
0.168
0.157
0.245
0.310
0.317
0.137
0.129
0.127
0.129
0.165
0.162
0.145
0.078
0.078
0.079
0.079

The decreasing trend is not surprising; the high energies of solvation are due to the large
Coulombic forces present for the trivalent ions in water which have a stabilizing effect on
the structure of the hydrated complex, leading to a lower temperature sensitivity.
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Figure 3.6: Arrhenius activation energy decreases as the solvation energy increases
due to the increased stability of the hydration shell.

The dashed line in Figure 3.6 can be described by a power law relationship which we
present in (3.6). This equation can be used to roughly estimate the activation energy for
other ions of interest so that the effective ion size may be predicted at various operating
temperatures. Here both the activation energy and the free energy of solvation are
expressed in units of kcal/mol.

−𝐸𝑎 = 68𝑧 2 (−∆𝐺𝑠𝑜𝑙𝑣 )−1.3

41

(3.6)

3.4.2 Effect of Temperature on Free Energy of Solvation
Conceptually, the free energy of solvation is a measure of how much energy would
be needed to completely dehydrate the ion. This value will also depend on temperature and
should be of lower magnitude at elevated temperatures. In order to verify this trend, the
thermodynamic integration method used previously was applied to the same subset of ions
(Li+, Cs+, Mg2+, Ba2+) at system temperatures of 325 K, 350 K, 373 K, and 400 K. The
correlation for ΔGsolv in (3.4) should also be able to capture this phenomenon due to the
change in the relative critical pore size. The result of this analysis for each of the four
cations is shown in Figure 3.7 and Figure 3.8. Within the expected error, both predictive
methods (thermodynamic integration for the solvated ion and the general correlation found
to apply to all ions) yield identical results. This indicates that the general correlation
presented earlier (3.4) can also be used to predict the free energy of solvation at different
temperatures using the temperature-dependent effective ionic sizes.
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Figure 3.7: Effect of temperature on free energy of solvation for Li+ (Top) and Mg2+
(Bottom) cations predicted using two methods: thermodynamic integration and the
correlation in (3.4)
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Figure 3.8: Effect of temperature on free energy of solvation for Cs+ (Top) and Ba2+
(Bottom) cations predicted using two methods: thermodynamic integration and the
correlation in (3.4)
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CHAPTER 4: ZEOLITES AS ION EXCHANGE MEMBRANES IN
REDOX FLOW BATTERIES
4.1 System Setup and Simulation Details
This molecular dynamics study utilizes the two membrane system setup discussed
in Section 2.3.4. In contrast to CHAPTER 3, the work in this chapter uses representations
of real membranes as opposed to simple model membranes. In order to study the transport
of the reactive vanadium ions through these ion exchange membranes of interest, six
different zeolite structures were investigated (ERI, LTA, MFI, BEC, CFI, and DON).
These were obtained from the IZA-SC's Database of Zeolite Structures103 (DZS) and
representations of these membrane structures can be seen in Figure 4.1. The membranes
used in these simulations were constructed as free-standing crystals with a thickness of one
unit cell. Additionally, the framework consisted only of silicon and oxygen atoms. This
differs from zeolite membranes used in experimental RFBs, which are usually grown onto
a porous substrate and can have thicknesses of several micrometers and Si/Al framework
ratios as low as 4104. Even though the differences between the two are significant, singlecell thick model zeolite membranes have previously been shown to reproduce experimental
results of gas separation105. The length of the channel has no bearing on the selectivity of
the membrane, only the transport rate. Selectivity occurs at the entrance to the pore; if an
ion can pass through here, cross-membrane transport should be observable at any channel
length given a long enough timescale.
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Figure 4.1: Structures of the six zeolite frameworks used in this study, note the
variance in pore sizes.
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Details such as pore sizes and total number of atoms in the system can be seen in
Table 4.1. The number of atoms differs because the transverse dimensions of the zeolite
frameworks are not uniform and the number of atoms in the solvent/solution compartments
must be adjusted accordingly to ensure they exist at the desired densities. The center
compartment initially consisted solely of water and the outer compartment contained
aqueous solutions of the various cations and chloride ions (Cl-) for charge balance. Atom
counts for ions are not shown in Table 4.1. These vary; numbers correspond to
concentrations in the range 1-8 mol %.

Table 4.1: Zeolite frameworks, pore sizes, total atom counts

aMaximum

Membrane
Type

Pore Size
(Å)a

Atom Count

DON

8.07

1560 membrane,
6100 H2O

CFI

7.26

1476 membrane,
7475 H2O

BEC

6.23

1980 membrane,
5065 H2O

MFI

4.70

2736 membrane,
5380 H2O

LTA

4.21

1584 membrane,
4343 H2O

ERI

3.42

2064 membrane,
4510 H2O

diameter of a sphere that can diffuse through channel given that O-atoms

have a radius of 1 Å

The membrane atoms are tethered to their known equilibrium positions using a simple
harmonic potential. Short-range site-site interaction potentials used the Lennard-Jones (LJ)
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and Coulombic models discussed in CHAPTER 2 ((2.4) and (2.6)). These potentials are
summed over all sites to obtain the total intermolecular interaction. Because the objective
of this project was to obtain qualitative information about vanadium ion transport through
zeolite membranes, previously developed parameters for water, ions and zeolite
membranes were used and can be seen in Table 4.2 and Table 4.3. The water was modeled
using the simple point charge (SPC/E) model88, while the zeolite was modeled with
parameters from Lee et al.106 The parameters for the various vanadium ions were taken
from previous studies94,107,108 as was the model for the hydronium ion109. Lorenz-Berthelot
mixing rules were used for cross interactions between different sites. Harmonic potentials
were also used to model intra-molecular bonds and angles.

Simulation Details
Initial configurations were created using a combination of Jmol83 (to construct the
zeolite crystal framework from CIF files provided by the DZS) and Packmol84 (to construct
non-overlapping random solvent/solution initial configurations). All simulations were run
using the LAMMPS simulation package85. Energy minimization was carried out using the
Polak-Ribiere conjugate gradient method, and the Verlet algorithm was used to perform
time integration. The particle-particle/particle-mesh (PPPM) technique was used in the
treatment of long-range Coulombic interactions beyond the cutoff radius of 1.2 nm. A
Nosé-Hoover thermostat was applied to the NVT ensemble so that the system could
maintain a constant temperature throughout the simulation. Except for the variable
temperature studies, all simulations were carried out at 325 K, which is a typical operating
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temperature of vanadium RFBs. A timestep of 0.5 fs was used for runs up to 5 ns in length
(10 million steps).

Table 4.2: Lennard-Jones parameters and charges
σ (Å)

ε (kcal/mol)

q

4.009
2.89

0.1275
0.1550

0.0
0.0

3.17
0.0

0.1554
0.0

-0.82
0.41

2.432

0.0179

2.0/3.0

V

2.432

0.0179

2.7/2.0

O

3.17

0.1554

-0.7/-0.5

H3O+
O

2.901

0.2741

-0.248

H

0.0

0.0

0.416

Cl-1

4.33

0.1063

-1.0

Atom
Membrane
Si
O
Water
O
H
Ions
V2+/V3+
VO2+/VO2+

Table 4.3: Bond Lengths and Angles
Bond Type

Length
(Å)

O-H (water)

1.0

O-H (H3O+)
V-O
(VO2+/VO2+)

0.973
1.6
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Angle
Type
H-O-H
(water)
H-O-H
(H3O+)
O-V-O
(VO2+)

Degree
109.47
111.6
105.0

4.2 Solvation Structure of Vanadium and Chloride Ions
Hydration studies were carried out in the bulk solution for ion concentrations of
1 mol%. The vanadium-water radial distribution function (Figure 4.2a) shows the peak of
the first hydration shell of the vanadium(II) ion is at 2.1 Å and contains 6 water molecules.
Additionally, the peak of the first hydration shell of the oxovanadium(IV) ion is slightly
smaller at 2.0 Å and contains 5 water molecules while the dioxovanadium(V) shell is seen
to contain only 4 water molecules. This systematic reduction in the hydration number
occurs because the oxygen atoms in the oxovanadium(IV) and dioxovanadium(V) ions
effectively replace hydrating water molecules. Our V-O(H2O) distances (2.0-2.1 Å) agree
with both the previous quantum calculations of hydrated vanadium ions (2.17 Å)110 and the
experimentally

measured

octahedral

structures

of

hydrated

vanadium

and

oxovanadium/dioxovanadium ions obtained using EXAFS/LAXS (1.97-2.2 Å)111 and
NMR (2.2 Å)112 techniques. Typical first hydration shells can be observed in Figure 4.2b,
Figure 4.2c, and Figure 4.2d. The second hydration shell also appears to be well defined
for all four ions, and the case of V2+ is shown in Figure 4.2e. Similar analysis was
performed on the vanadium(III) ion and its structure, and RDF was found to be identical
to that of the vanadium(II) ion. Interestingly, the entire first hydration shell lies within the
Lennard-Jones size parameter, σV-O (~2.1 Å vs. 2.8 Å). This is due to the strong Coulombic
interactions of the multivalent cations with SPC/E water.
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Figure 4.2: a) Radial Distribution Function of for V-O in V2+-water, VO2+-water, and
VO2+-water; structures

of first hydration

shells of

b) vanadium(II) c)

oxovanadium(IV) and d) dioxovanadium(V) ions e) Second hydration shell of
vanadium(II) ion, circle approximates outer edge of first shell
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The section after the first peak of the RDF for all three vanadium ion species has a value
of zero, suggesting that there is a negligible exchange of water from the first hydration
shell due to the high charge density of the vanadium ion. The octahedral shape is
demonstrated by constructing a histogram of all the water-vanadium-water angles present
during the simulation (Figure 4.3a). The peaks at ~90° and ~180° in Fig. 4a display the
ordered structure of the shell and agree with QM/MM calculations performed by Loeffler
et al.110 The peak around 90° shifts toward smaller angles as the oxidation state of the atom
increases because as oxygen atoms replace water molecules in the hydration cluster, steric
effects push the remaining waters away. In the case of the [VO(H2O)5]2+ cluster, if the
covalently bound oxygen is thought to exist at a “pole,” this means that the four
“equatorial” waters are pushed out of plane with the vanadium atom, decreasing the angles
between themselves and the remaining “pole” water. Likewise, in the [VO2(H2O)4]+
cluster, the presence of the two oxygen atoms cause the octahedral structure to skew
slightly further as the four remaining water molecules shift towards one another to make
room for the additional covalently bonded O-atom. These structures agree with X-ray
scattering measurements made by Krakowiak et al.111 Compare these regular structures to
the broad distribution of angles found in the chloride hydration shell (Figure 4.3b), which
indicates a much more fluid, loosely bound hydration structure with considerable exchange
between waters in the first and second hydration shells.
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Figure 4.3: Angular distribution showing occurrences of a) water-V-water angles for
vanadium(II), oxovanadium(IV), and dioxovanadium(V) and b) water-Cl-water
angles for chloride ions in aqueous solution.

The same structural angular histogram is constructed when the ions are both confined
within the different membrane types and within an “entrance region” defined as ±1 Å from
the membrane surface (Figure 4.4). Comparison of the graphs in Figure 4.3a with Figure
4.4a and Figure 4.4b demonstrates that the shape of the [V(H2O)6]2+ cluster does not
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change as it moves from the solution compartment, through the entrance region, and into
the center of the membrane. Similar results were observed for the [VO(H2O)5]2+ and
[VO2(H2O)4]+ clusters. This further supports the idea of a rigid structure for these ions. In
contrast, the deformation of the Cl- hydration shell as it passes through the smaller pore of
the BEC membrane is evident as a result of its less rigid structure (due to lower surface
charge density) in Figure 4.4c. The statistically noisier histograms in Figure 4.4 compared
to Figure 4.3 arise from the fewer observations of ions at these specific regions in
comparison to the bulk solution.

Figure 4.4: Histograms of water-ion-water angles present during cross-membrane
transport a) V2+/BEC b) V2+/DON c) Cl-/BEC d) Cl-/DON
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4.3 Solvation Dynamics of Vanadium and Chloride Ions
The residence time of waters within the hydration shell in bulk solution was
measured using the method of Impey et al.113 which expresses the residence time as:

∞

𝜏𝑟𝑒𝑠 = ∫ 𝑅(𝑡)𝑑𝑡

(4.1)

0

Where R(t) is a residence time correlation function defined as:

𝑁ℎ

1
𝑅(𝑡) =
∑〈𝜃𝑖 (𝑡)𝜃𝑖 (0)〉
𝑁ℎ

(4.2)

𝑖=1

Where Nh is the number of hydrating water molecules and θi(t) is a Heaviside step function
that equals 1 if the ith hydrating water molecule is in the hydration shell at time t and zero
in all other instances. Water exchange from the vanadium hydration shell was not observed
during our simulation time of 5 ns. This is not surprising as experimental values obtained
via NMR and reported for other bivalent metal cations by Ohtaki and Radnai114 are on the
order of 32 to 200 ns, which demonstrates that a longer timescale would be necessary to
observe this phenomena. This again confirms the presence of a relatively stable complex.
On the other hand, a residence time of ~11 ps was observed for the chloride ion which
agrees with values of previous simulation studies115 indicating the much more dynamic,
unstructured hydration shell discussed previously; dramatically shown in Figure 4.3b to
be in stark contrast to the vanadium ions.
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4.4 Solvation Energy of Vanadium and Chloride Ions
Solvation energy is defined as the energy released as the isolated ion associates
with solvent molecules. The solvation energy of an ion was obtained by calculating the
pairwise potential energy between the ion and all other atoms within a 1.2 nm radius in the
bulk solution. This was done for ion concentrations of 1 mol% which is close to working
concentrations of experimental RFBs (~0.6 mol%)39. Here the values are time averaged
over the last nanosecond of the simulation and error range represents ±1σ. Our results
(Table 4.4) agree with calculations based on a first principles model that used quantum
electronic structure calculations116. We propose that the relatively larger error in our value
for vanadium(III) can be explained by polarization of surrounding water molecules due to
the extremely high charge density of the V3+ ion. The SPC/E water model does not account
for this phenomenon whereas the quantum calculation does. This difference is not predicted
to have a large impact on the transport behavior of the vanadium(III) ion because our model
still correctly represents the physical structure of the [V(H2O)6]3+ cluster. The close
agreement for all other ions shows that our model well represents their aqueous behavior
and should therefore produce realistic transport results.
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Table 4.4: Solvation energy of 1 mol% V2+, V3+, VO2+, VO2+, and Cl- at 325 K
Previous
Calculation
Ion
Results99,116
(kcal/mol·Å)
2+
-401.8 ± 3.2
-436.2
7.9
-440.0
V
3+
-800.5 ± 4.1
-1008.6
20.6
-1018.8
V
a
a
2+
-421.3 ± 3.1
-457.2
VO
a
a
+
-177.2
±
2.0
-184.4
VO2
-89.3 ± 1.6
-86.4
3.4
-89.2
Cl
aexperimental data is not available for these multi-atomic cations
This Work
(kcal/mol·Å)

Experimental
Values97
(kcal/mol·Å)

%
Difference

%
Difference
8.7
21.4
7.9
3.9
0.1

4.5 Selectivity of Zeolite Membranes
4.5.1 Steered Molecular Dynamics
In order to better understand the transport of the hydrated ions through the various
zeolite pores, a single ion was placed on the pore axis and passed through the membrane
at a constant velocity of 0.75 m/s. This steered molecular dynamics (SMD) technique
allows for the calculation of the Kirkwood potential of mean force117 (PMF) for the
transport of a single hydrated ion across the membrane. The PMF is defined as the potential
that yields the average force for all configurations along the ‘reaction path’. This
calculation was performed in the same manner as previous studies118. First, the force
required to keep the hydrated ion on the pore axis is considered to be the opposite of the
total pairwise force on the ion and is found using the following equation:

𝑭𝒄 = −𝑭𝒑 = 𝜵𝑈
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(4.3)

Where U is the potential defined in (2.4) and (2.6). This force is then integrated with respect
to the path maintained by the SMD which in this case is one-dimensional along the axis of
the pore:

𝑃𝑀𝐹 = ∫ 𝑭𝒄 ∙ 𝑑𝒓 = ∫ 𝐹𝑐𝑥 𝑑𝑥

(4.4)

The profiles obtained represent the free energy barriers that must be overcome for the
transport of ions to occur and are shown in Figure 4.5. All graphs in Figure 4.5 are drawn
at the same scale in order to provide direct visual comparison.
The jagged nature of the PMF for the ERI membrane is due to the changing number
of water molecules in the hydration shell as it moves through the membrane. These pores
are small enough that in order for the ion to be forced through, it must shed some of the
hydrating waters so that the cluster is not as large. On exiting the membrane, the ion is
hydrated again resulting in the reappearance of the stable cluster. The ERI profile also
appears to be asymmetric. This is due to the rather rapid motion of the ion through the
membrane (0.75 m/s) that does not allow enough time for the changing number of water
molecules in the hydration shell to approach a “local equilibrium”. The LTA, MFI, and
BEC membranes display local minima where the presence of a hydrated ion complex is
most favorable. These minima correspond to a cavity at the intersection of the channels
running in three directions within the zeolite membrane. The only maximum for the CFI
and DON membranes is at the center because their pores are 1-dimensional channels.
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Figure 4.5: Potentials of mean force for hydrated V2+ ion passing through the six
membrane framework types at 325 K

When examining these plots, one must keep in mind that these paths will not be the exact
paths followed by an ion as it passes through a membrane via natural diffusion as there will
be movement in the y- and z- dimension. These energy profiles can only act as a guide for
the comparison of the barriers presented by each membrane framework type. The profiles
for the remaining V3+ ion can be seen in Figure 4.6. These are to be compared with the
PMF of the hydronium ion within the same subset of zeolite membranes (Figure 4.7).
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Figure 4.6: Potentials of mean force for hydrated V3+ ion passing through the six
membrane framework types at 325 K

The maximum energy in each of these profiles is recorded and compared in Figure 4.8. It
can be seen that the free energy barrier decreases with increasing pore size. The same
analysis was conducted using the other vanadium ions and their PMF profiles were nearly
identical to that for V2+. On the other hand, the hydronium ion profiles are quite different
from the vanadium ions.

61

Figure 4.7: Potentials of mean force for hydrated H3O+ ion passing through the six
membrane framework types at 325 K

The marked differences in the free energy barriers for the vanadium ions and hydronium
ions for zeolites with pores <5Å is indicative of the selective transport that we seek in
effective IEMs.
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Figure 4.8: Maxima of free energy barriers calculated via steered molecular dynamics
for various ions

Because the [V(H2O)6]2+/3+, [VO(H2O)5]2+, and [VO2(H2O)4]+ complexes have such
stable octahedral structures, we can also investigate any changes in orientation of the
hydrated ions as they traverse the membrane during our steered simulations. This was done
by observing the angle between: (1) a single V2+/3+-water pair and the pore axis in the case
of V2+/3+ (2) the V-O bond and the pore axis in the case of VO2+, and (3) a single V-O bond
and the pore axis in the case of VO2+; this analysis is shown in Figure 4.9.
Outside the membrane the [V(H2O)6]2+ complex tumbles in random fashion. In the
smaller pore of the BEC membrane (Figure 4.9a) the complex is seen to assume a
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particular orientation in the laboratory frame and remain in that orientation while in the
channel. This orientation is the only one that permits the cluster to fit through the BEC pore
because of their nearly identical dimensions (~6.08 Å for the cluster and ~6.23 Å for the
pore). On the other hand, while passing through the larger pore of the DON membrane
(Figure 4.9b), the complex randomly tumbles along the entire path. This contrast in
behavior of the [V(H2O)6]2+ complex again indicates the higher free energy barrier that
must be overcome for the V2+ ion to pass through the BEC membrane compared to the
DON. We have seen that this barrier is even greater in those membranes with even smaller
pores.
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Figure 4.9: Orientation of the [V(H2O)6]2+ complex during membrane transport in a)
BEC b) DON zeolite membrane
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4.5.2 Non-Equilibrium Molecular Dynamics
The previous studies examined a single ion being steered through the zeolite pore
systems. Systems at higher ion concentrations were also studied in this work, and the
amount of ions that crossed the membrane spontaneously was measured. In order to ensure
the observation of transport events, both the ion concentration and the temperature were
increased to values above those of operating RFBs (8 mol%, 400 K). In these MD
simulations, it is notable that even at these extreme conditions, the only transport observed
through the ERI, LTA, and MFI membranes was that of the hydronium ions. These three
membrane frameworks blocked the transport of all vanadium ions (Figure 4.10a).
Therefore, these membranes demonstrate the selectivity necessary for successful
application towards efficient RFBs. This result agrees with selective transport observed
experimentally by Xu et al.104 while using substrate-supported zeolite membranes
containing the ERI framework. On the other hand, the larger pores in the BEC, CFI, and
DON frameworks allowed for the transport of all ion species V2+, V3+, VO2+, and VO2+ in
addition to hydronium ions (Figure 4.10b), which would be unacceptable for an ionexchange membrane in the vanadium redox flow battery.
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Figure 4.10: Ion transport events for a) MFI framework (straight channel) b) DON
framework at 8 mol% and 400 K

Significant vanadium-ion transport through the membrane did not occur until the
pore size had reached 7.26 and 8.07 Å in the CFI and DON zeolite frameworks. At these
pore sizes the ions freely traversed the membrane, entered the center compartment, and
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dispersed; but this occurred only when the solution compartment was at concentrations
higher than 5 mol% for the CFI pore and 3 mol% for the DON pore. This suggests that
there exist both a critical pore size and a critical ion concentration for the observation of
ion transport. Higher ion concentrations predictably increased the transport of ions, while
higher temperatures increased the initial rate of transport. These trends are shown in Figure
4.11 for the DON membrane, but they also present themselves in the case of the CFI
framework. Similar runs examining the oxovanadium(IV) and dioxovanadium(V) ions
presented identical trends as that shown in Figure 4.11 for V2+ in DON. However, the
degree of transport increased with the oxidation state of the vanadium atom in the order
VO2+ > VO2+ > V2+. This is attributed to the effective size of the hydration cluster; the
covalently bonded oxygen atoms are closer to the vanadium center (~1.6 Å) than are the
hydrating water molecules (~2.1 Å). In order to further study this spontaneous membrane
transport in the DON zeolite membrane, profiles of average velocity and residence time of
V2+ ions are shown in Figure 4.12.
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Figure 4.11: Dependence of V2+ ion transport for the DON zeolite membrane on a)
ion concentration and b) temperature
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Figure 4.12: Profiles of a) Velocity and b) Residence Time of V2+ ions within the DON
membrane for 8 mol% solution at 400 K

It is observed that velocities of ions outside the DON membrane are higher and have more
variation than the velocities inside (Figure 4.12a). While it may appear that the ion velocity
slows at the center of the membrane, this cannot be determined with certainty as the ion
maintains a constant velocity within 1 standard deviation as it crosses the membrane. There
is, however, an increase in the residence time at the center of the membrane (Figure 4.12b).
This residence time was defined as the average amount of time spent in a volume element
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0.1 Å wide in the x-direction before moving to an adjacent volume element. This
significantly higher residence time in the center also indicates that there is significant
motion in the y/z directions as well at the center of the membrane (Figure 4.12a includes
velocities in all three directions, while in Figure 4.12b we measure transport in the xdirection only). On average, the V2+ ions spend anywhere between 50 and 3000 ps within
the DON membrane with 67% of crossing ions spending less than 200 ps. These residence
times are only ~4% of our simulation time, which suggests that while the hydrated V2+ ions
can freely transport through the pores of the DON zeolite at this temperature. Because the
temperature is less than ~1600K, which is (1/kB) times the barrier height in this case, it is
more favorable for the hydrated ion clusters to be present in bulk solution outside the
membrane where they can be fully solvated.

4.6 Effect of Membrane Composition
During the production of zeolite crystals, the relative composition of silicon and
aluminum in the material can be controlled. This Si/Al ratio can affect the properties of the
membrane and may change the manner in which material is transported through the
channels. The effect of membrane composition on ionic permeability must be examined in
order to determine if these changes affect the selectivity displayed in the previous section.
All further studies using zeolite membranes will focus on the MFI framework as it
contained the largest pore that blocked the passage of all heavy vanadium containing ions.
Starting with the base silicalite membrane, six additional membranes of identical structure,
but varying aluminum content were constructed, representing Si/Al ratios of infinity, 383,
191, 95, 54, 47, and 31. The aluminum atoms were substituted at sites corresponding to the
T7, T10, and T12 sites as described in studies which previously modeled the uptake of
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various gases into MFI zeolites119. Experimental X-ray diffraction techniques performed
on Cs ZSM-5 show that these are the sites preferred by the aluminum atoms during
fabrication120. The T7 and T12 sites are present within the straight channels of the
membrane while the T10 site exists in the sinusoidal channel. Care was taken so that these
substitutions also followed Lowenstein’s Rule121,122 which does not allow for the presence
of Al-O-Al linkages. In order to ensure that the membrane remained charge neutral, the
local negative charges due to the aluminum atoms were spread across the four neighboring
oxygens, and an extra-framework sodium ion was placed in the channel in the vicinity of
the substitution. These cations were allowed to equilibrate and find their lowest energy
positions prior to the addition of any water or ions to the system.

4.6.1 Proton Selectivity
As shown above, it is the increase in the effective ionic size due to the presence of the
hydration shell that prevents the reactive ions from diffusing through the zeolite.
Examination of the modified membranes must be undertaken to ensure that the local
charges on the aluminum atoms do not disrupt the structure of these hydrated ion
complexes and thereby allow the vanadium containing ions to pass through the IEM and
inhibit the performance of the battery. The aluminum-substituted MFI membranes were
used along with the same protocol and the system setup in Section 4.5.2 to test for the
selectivity of these modified frameworks. This method yielded results identical to those
found previously for silicalite MFI membranes. Complete prevention of vanadium
transport was observed for all levels of Si/Al ratio even during an extended simulation time
of 25 ns (Figure 4.13).
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Figure 4.13: Depiction of MFI membrane selectivity for hydronium ions over
vanadium ions at Si/Al ratios of ∞ and 31.

4.6.2 Proton Transport
Once this selective characteristic had been confirmed, the vanadium cations were
replaced with hydronium ions to begin the studies on the dynamics of proton transport.
Because the principle of the RFB mechanism rests on protons being released by the
reaction in one half-cell and moving through the membrane to be used in the
complimentary reaction in the other half-cell, the membranes not only need to be selective
for proton transport, but also must have a high enough proton permeability that they not
limit the mechanism of action. For this reason, it is necessary to observe whether or not the
membrane permeability is tunable by using the Si/Al ratio in order that the proton flux be
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maximized. In the framework of the solution diffusion model, the flux of any species
through a membrane is proportional to the concentration difference and the permeability123
(4.5).

𝑗𝑖 =

𝑃𝑚
(𝑐 − 𝑐𝑜 )
𝐿 𝑖

(4.5)

Here the permeability, Pm, can be represented as the product of the membrane loading, 𝑐𝑚 ,
and the intramembrane in simulation diffusion, Dm (4.6). Each of these quantities were
measured independently in order to determine which was more strongly affected by the
membrane composition.

𝑃𝑚 = 𝐷𝑚 𝑐𝑚

(4.6)

4.6.2.a Membrane Loading
In order to observe the ionic loading of the membrane, a modified simulation
system consisting of a single membrane with similar hydronium solution on both sides was
constructed for each level of aluminum substitution. The solution consisted of a 5 mol%
HCl solution in which the dissociated proton was modeled in the same manner, a
hydronium ion, or protonated water molecule (H3O+). For each membrane, the system was
run until the number of hydronium ions absorbed by the membrane maintained a nearly
constant value; this process was usually complete after 2 ns. The number was then averaged
over an additional 0.5 ns to obtain the final values presented in Table 4.5 and plotted in
Figure 4.14.
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Table 4.5: Hydronium loading in membranes with increasing aluminum substitution
levels
No. of Substitutions
per Unit Cell

Si/Al
Ratio

Hydronium Ion
Concentration, mol/L

0
0.25
0.5
1.0
1.75
2.0
3.0

∞
383
191
95
53.86
47
31

1.86 ± 0.46
2.02 ± 0.50
2.22 ± 0.57
2.77 ± 0.54
4.36 ± 0.52
5.42 ± 0.63
6.37 ± 0.61

Figure 4.14: Hydronium loading in membranes with increasing aluminum
substitution levels
An increase in the number of framework atom substitutions results in an increase in the
uptake of hydronium ions. This agrees with previous findings regarding water uptake in
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MFI membranes124 and additional work done on gas absorption in ZSM-5 with varying
Si/Al ratios119 . This increase in absorption is due to Coulombic attraction between the
positively charged hydronium ions and the local negative charges present at each of
aluminum atoms and their bonded oxygens within the zeolite membrane framework.
Visualization of this attraction between the hydronium ions and the aluminum framework
atoms can be seen in Figure 4.15 which overlays the positions of the ions present in the
membrane at every timestep during the simulation. The yellow and red wireframe
represents the zeolite; the green/ blue spheres in Figure 4.15b indicate the position of the
aluminum atoms and the surrounding oxygen framework atoms; the blue/white/red dots
indicate the position or hydronium ions with the color representing the relative ion density
(blue = low; red = high). Again, note that this is a composite of the entire simulation, not
just a single, instantaneous timestep. Note that in the silicalite membrane in Figure 4.15a
small spots of moderate ion density occur mostly centered in the channels and cages of the
zeolite and appear to be spread evenly throughout the entire framework; this is in sharp
contrast with the aluminum containing membrane of Figure 4.15b where the ions are
attracted to the local charges present on the aluminum seen as the red pockets immediately
adjacent to the substitutions. These large increases in ion density only occur in spaces with
aluminum atoms (the channel intersection on the middle-right of Figure 4.15b has no
substitutions and therefore no high density ion pocket).
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Figure 4.15: Composite location of hydronium ions within the zeolite membrane; red
= high ion density; blue = low ion density a) silicalite membrane with no aluminum
substitutions b) Si/Al ratio of 47.
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4.6.2.b Intramembrane Transport
In molecular dynamics simulations, the calculation of diffusion coefficients in three
dimensional systems is commonly performed using (4.7), where MSD is the mean square
displacement of the species of interest.

𝐷=

1
𝑑(𝑀𝑆𝐷)
lim
6 𝑡→∞ 𝑑𝑡

(4.7)

Because we are only interested in the rate of diffusion within the membrane and not in the
bulk, one must take care that only absorbed ions are accounted for when finding the MSD.
This is done by first allowing the system to come to equilibrium as done in Section 4.6.2.a,
and then discarding all solution molecules not within the membrane and resizing the
simulation box to contain only the hydrated membrane and the absorbed ions. By
simulating this system we can more readily observe what happens within the membrane
and separate it from the bulk solution behavior. This method finds a slight decrease in the
diffusion coefficient as successive framework substitutions are made (Table 4.6, Column
3 and Figure 4.16).

78

Table 4.6: Hydronium diffusion in membranes with increasing aluminum
substitution levels
No. of
Substitutions
per Unit Cell

Si/Al
Ratio

0
0.25
0.5
1.0
1.75
2.0
3.0

∞
383
191
95
53.86
47
31

Hydronium Ion
Vehicular
Diffusion, × 105
cm2/s
2.66 ± 0.11
2.56 ± 0.24
2.40 ± 0.11
2.35 ± 0.25
2.31 ± 0.23
2.09 ± 0.18
1.98 ± 0.31

Our model for the proton provides an incomplete picture of what occurs in reality. Protons
in aqueous solution are known to diffuse by “hopping” from one water molecule to another
adjacent molecule via a process known as the Grotthuss mechanism125 (cf. Figure 4.17).
Work on this topic has been quite extensive126–129, and when modeling this phenomena it
is necessary to use techniques that account for quantum behavior. In the present work, the
model we are using is solely classical in nature and represents a permanently hydrated
water molecule109. This means that the diffusion measured above using the mean square
displacement only accounts for what is termed “vehicular diffusion,” or the proton riding
along with the water molecule. A measure of the “hopping diffusion,” which is the quantum
effect, is still necessary. The splitting of proton diffusion into these two categories is a
method that has been explored previously130,131 and allows for a more detailed picture of
the proton dynamics. Due to this quantum hopping, the mobility of H+ ions in water is
significantly higher than other monoatomic ions132. A measure of this quantum hopping is
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still necessary as this work is solely classical in nature and the total proton diffusion in the
confined nanopore of the zeolite may be enhanced or inhibited by the additional mode of
transport.

Figure 4.17: Representation of proton shuttling between molecules that constitutes
the Grotthuss Mechanism (taken from Hassanali et al.133)
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When the membrane loading and intra-membrane diffusion of the various systems are
scaled relative to the pure silica membrane, and the product is taken to find the relative
permeability as in (4.6), we obtain the values presented in Figure 4.19. At low substitution
rates (high Si/Al ratios), the relative permeability increases as the higher ion uptake
dominates, but as more framework substitutions are made the decreasing diffusion rate
causes the permeability to plateau.

Figure 4.19: Relative permeability of MFI zeolite membranes at increasing levels of
aluminum substitution.

At a substitution index of ~2 per unit cell, corresponding to a Si/Al ratio of ~45, the trend
switches from steady increase to a flat value. While there appears to be a slight decrease at
the highest level of substitution, this does not appear to be significant within the data
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uncertainty. In this context, this represents the existence of a threshold value of the number
of aluminum substitutions per unit cell of zeolite that must be reached before the proton
flux through the membrane is maximized. Since the values used here are relative to the
pure silica membrane, these results should not be viewed as quantitatively absolute, but the
trends should be reproducible when verified by experimental methods.
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CHAPTER 5: USE OF SELECTIVE MEMBRANES IN THE
DETERMINATION OF HENRY’S CONSTANTS
A large portion of this chapter has been published in Fluid Phase Equilibria, see
reference Hinkle et al.134 (see Appendix)
5.1 Computational Setup and Methods
5.1.1 System Setup and Simulation Details
This molecular dynamics study again utilizes the two membrane system setup
discussed in Section 2.3.4. Similar to CHAPTER 3, the work in this chapter uses a model
membrane to estimate physical properties. The membranes consist of a single-layer FCC
lattice (Figure 5.1), and by adjusting the potential parameters are made to be semipermeable (permeable to the solute but not the solvent). The membranes can be moved to
adjust the volume of the solute/solvent compartments in order to ensure that the correct
density it obtained.
All simulations consisted of 400 membrane molecules (200 molecules per
membrane) and either 400 or 200 gas molecules depending on the gas pressure desired in
the system. In addition, another method of varying the pressure of gas the size of the gas
compartment could be adjusted without changing the size of the solvent compartment. The
number of solvent molecules varied in order to achieve the experimental density for the
solvent and conditions present in each system (see Table 5.1 and Table 5.2). Initial
configurations consisted of a random placement of solvent molecules in the center
compartment and a regularly spaced array of gas molecules in the outer compartment
(Figure 5.1).
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Figure 5.1: System schematic showing alternating solution/gas compartments.

Since the gas density is rather low, the solute molecules rapidly approach an
equilibrated configuration. All membrane atoms were tethered to their initial positions
using a simple harmonic potential. Short-range site-site interaction potentials used a
combination of the Lennard-Jones (LJ) potential (2.4) and the Coulombic potential (2.6).
Long range electrostatics, when appropriate, were computed using the particle-mesh Ewald
scheme (PME) discussed in CHAPTER 2. These potentials were then summed over all
sites to obtain the total intermolecular interactions.
Section 5.2 uses single-site models for both the hydrogen and carbon monoxide135.
The n-alcohols were modeled using the TraPPE parameters developed by Chen, Potoff and
Siepmann et al.136 while the n-alkanes used united atom (UA) parameters from Lee and
Chang137. The number of molecules present for each different solvent system in presented
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in Table 5.1. The Lorentz-Berthelot mixing rules were used to find σgas-solvent, and this value
was scaled if necessary to find the cross-parameter that yielded the best results for the
Henry’s constant (K·σgas-solvent, where K varied between 0.90 and 1.0). For the alcohol
system we determined that an adjustment of the cross parameter was not necessary (K =
1). For the hydrocarbon system, using the method of least squares, it was determined that
K = 0.955 gave the best fit. The parameter was found to be unchanged for both H2 and CO
interacting with the all hydrocarbons investigated here. Further details are discussed in
Section 5.2.

Table 5.1: Solvent molecule counts for all systems in Section 5.2
Carbon
Number

No. Alcohol
Molecules

No. Alkane
Molecules

4
8
12
16
20
24
28
32

884
538
378
273
238
200
173
151

377
279
192
147

Section 5.3 uses the common SPC/E model for water88 while the n-alkanes again
used united atom (UA) parameters from Lee and Chang137. Each system was run at multiple
temperatures (500 K to 750 K in 50 K increments) to study the effect on the Henry’s
constant. Again, the number of solvent molecules was chosen to represent the correct
densities and these can be seen in Table 5.2.
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Table 5.2: Solvent molecule counts for all systems in Section 5.3
No.
Carbons

No. Alkane
Molecules

8
16
24
32

541
279
192
147

The open source software package Packmol84 was used to construct the initial nonoverlapping liquid-like random solvent configurations. This significantly assisted the
system in reaching its final equilibrium state faster. All simulations were run using the
LAMMPS simulation package85. Energy minimization was performed using the PolakRibiere conjugate-gradient method and the Verlet algorithm was used to carry out the time
integration. A Gaussian thermostat was applied to the NVE ensemble in order to maintain
a constant system temperature throughout the simulation. A time step of 0.75 fs was used
for runs of 7.5 ns in length (≈ 10 million steps).

5.1.2 Calculation of Henry’s Constant from Simulations
The following method was used to calculate the Henry’s constant in our molecular
dynamics simulations. The density profiles of the two species were monitored throughout
the simulation. Once the number of gas solute molecules that had been absorbed into the
liquid phase equilibrated, these density profiles were averaged in a running manner for an
additional nanosecond. A representative example of these density profiles is shown below
in Figure 5.2.
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Figure 5.2: A representative sample of density plots used for data analysis. Liquid
mole fraction is calculated as a ratio of the average number densities in the center
region and gas pressure is found using the average density in the outer region.

As these values are number densities, it is straightforward to calculate the liquid mole
fraction, xi, by taking the density ratio of the fluid region in the center (green in Figure
5.2). Additionally, the gas density in the outer region is used with the ideal gas law to find
the system pressure. The Henry’s constants of gases in liquids are defined by phase
equilibrium:

𝑦𝑖 𝜑𝑖 𝑃 = 𝑥𝑖 𝛾𝑖∗ ℋ𝑖,𝑗

(5.1)

where i refers to the solute, yi and xi are gas and liquid mole fractions, φi and 𝛾𝑖∗ are the
vapor-phase fugacity and liquid-phase activity coefficients in the unsymmetric convention,
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P is the system pressure, and ℋ𝑖,𝑗 is the Henry’s constant of component i in solvent j.
Because the solvent is in the condensed liquid phase and the gas is dilute, it is assumed that
the activity coefficient is equal to unity. The vapor phase mole fraction, yi is also equal to
unity as there is only a single gas-phase species in the system. With these assumptions, the
expression for ℋ𝑖,𝑗 becomes:

ℋ𝑖,𝑗 =

𝜑𝑖 𝑃
𝑥𝑖

(5.2)

Here the pressure of the gas phase, is calculated using the virial coefficient (P=1+B/Vm)
and the fugacity coefficient φi is calculated as follows.

𝜑𝑖 = 𝑒

𝐵
(2 −𝑙𝑛𝑍)
𝑉𝑚

(5.3)

The Henry’s constants of gases in liquids is defined by the (5.2) (in the limit when xi → 0).
As mentioned earlier, we confirmed in our simulations (by carrying out simulations at
several pressures) that we approach this infinite dilution limit that would make the need for
an activity coefficient redundant in the solvent phase.

5.2 H2 and CO in Heavy Alkanes and Alcohols
5.2.1 Experimental Henry’s Constants
Experimental data have been used to determine the best values of the experimental
Henry’s constants in the existing database for the solubility of H2 and CO in the n-alkane
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and n-alkanol families of solvents. A temperature of 300 K has been chosen as the reference
temperature at which comparisons have been made since a reference temperature facilitates
comparisons, and 300 K is a temperature at which data are most likely to be available. The
experimental Henry’s constants were determined by fitting available binary data to the
NRTL-RK property option in Aspen Plus V7.3. The solutes (H2 and CO) were treated in
the unsymmetric convention, and the phase equilibrium relationship for the solute is
represented by (5.1). In the NRTL-RK property option, φi is calculated from the RedlichKwong equation, and γi is obtained from the NRTL activity-coefficient correlation. The
infinite-dilution partial-molar volume needed for the solute in the Poynting factor138 has
been estimated using the Brelvi-O’Connell correlation. The Henry’s constant in Aspen Plus
is represented by the following empirical temperature-dependent equation:

𝑙𝑛(ℋ𝑖,𝑗 ) = 𝐴𝑖 +

𝐵𝑖
+ 𝐶𝑖 𝑙𝑛(𝑇) + 𝐷𝑖 𝑇
𝑇

(5.4)

Data were generally limited to temperatures around 300 K, typically from 273 K to 400 K,
and hence only the first two terms of (5.4) were used (i.e., Ci and Di were set to zero). In
most cases the NRTL parameters were defaulted to zero (ideal liquid) as the liquid-phase
mole fraction of the solute is small; insignificant departure from ideality in the
unsymmetric convention. In cases where non-zero NRTL parameters were used, their
quantitative correction was low. The purpose of this exercise was to obtain the best value
of the Henry’s constant parameters (Ai and Bi in (5.4)), and in particular the value of the
Henry’s constant at the chosen reference temperature of 300 K.
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The experimental database and derived values of the Henry’s constants at 300 K
are presented in Table 5.3 and Table 5.4. As can be seen in the tables, solubility data for
H2 and CO in the alkanes are widely available. Solubility data for alkanes with carbon
numbers lower than butane were not considered here because the vapor pressure of these
solvents is too high; the normal boiling points of propane, butane and hexane are 231 K,
273 K, and 342 K, respectively. In contrast to the alkanes, solubility data for the alcohols
are quite sparse, and data for solvents higher than 1-hexadecanol, and in fact between 1octanol and 1-hexanol, are not available. One goal of this effort is to estimate the Henry’s
constants of H2 and CO in the higher alcohols.

Table 5.3: Experimental Henry’s constants at 300 K for hydrogen solubility in nalkanes and n-alcohols (references included).
Solvent
Carbon
Number
1
2
3
4
5
6
8
10
16
20
28
36
46

Henry’s Constant (bar)
n-Alkanes
1300 147
1569 150
1501 151,152
1522 151,153,154
1567 151,156,157
1141 158,159
1177 157,160
851 157,159–161
874 157,160,161
739 161

90

n-Alcohols
6051
3696
3368
3731

139–144
141,144–146
144,146
144,148,149

2531

154,155

1004

159

-

Table 5.4: Experimental Henry’s constants at 300 K for carbon monoxide solubility
in n-alkanes and n-alcohols (references included).
Solvent
Carbon
Number
1
2
3
4
5
6
8
10
12
16
20
28
36

Henry’s Constant (bars)
n-Alkanes
671
576
645
668
515
429
406

163

164,165
152
159
165
159,165
165

n-Alcohols)
3383 141,162
1735 162
1258 162
1250 162
583 159
-

The data for each solute-solvent pair were fit using the data-regression system in Aspen
Plus V7.3. Figure 5.3 presents results for a typical example, the H2/1-octanol binary
system. Here experimental and model values of P/x(H2) have been plotted against x(H2);
P/x(H2) is related to the Henry’s constant.
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Figure 5.3: Comparison of the experimental data for the solubility of H2 in 1-octanol
with model calculations. The y-axis is the ratio of pressure to H2 mole fraction, with
the pressure in bars. The 21.9 °C data are from Kim et al.154 and the data for the other
four isotherms are from Lu et al.155

The Henry’s constant of H2 in 1-octanol decreases weakly with temperature (endothermic
solubility). The model provides a good fit of the data; in general, the uncertainty in the
calculated Henry’s constant comes from the data uncertainty as the model has sufficient
flexibility to accurately represent the data considered here. One case where the data are
highly uncertain is the H2/1-hexadecanol binary system. Figure 5.4 presents the model fit
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compared to the experimental data of Breman et al.159 for the pseudo-Henry’s constant,
P/x(H2). Here, the data covers the temperature range 99.0 to 241.8 °C.

Figure 5.4: Comparison of the experimental data159 for the solubility of H2 in 1hexadecanol with model calculations. The y-axis is the ratio of pressure to H2 mole
fraction, with the pressure in bars. For this system the uncertainty in the derived
Henry’s constant at 300 K is large, perhaps by as much as 50%.

The data for temperatures above about 190 °C appear reasonable since the P/x(H2) values
decrease with increasing temperature. However, this trend is not followed for temperatures
below 190 °C. We therefore only considered the data above 190 °C to estimate the Henry’s
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constant at 300 K. However, the H2/1-hexadecanol is a worst case, and in general we
estimate that the uncertainties in the estimated Henry’s constant from experimental data
are estimated to be within ± 25%.
Note that for several higher CN solvents investigated here, the melting point is
below 300 K. Our reported experimental results are extrapolations (the T dependence is
weak in any case). In our simulations we start with a liquid-like structure, and the
simulations can therefore be viewed as those for a super-cooled liquid that has not been
subjected to a needed perturbation to enable/initiate freezing.

5.2.2 Analysis of Experimental and Simulation Results
The Henry’s constants derived from simulation are presented in Table 5.5. The total
uncertainty is estimated to be ± 20% for the potential models used here. This estimate is
based on the combined effect of random errors (estimated by changing initial
configurations of the system) and systematic errors65 (estimated by comparing the results
from the UA and TraPPE potential models). Each value is obtained by performing three
simulations at different gas pressures (achieved by changing the volume of the gas
compartment). These successive simulations validate our assumption that the systems exist
in the limit of infinite dilution (xi → 0) and that no further changes in the Henry’s constant
exists as the liquid mole fraction decreases. The final result for the Henry’s constant is then
taken to be the average of these three independent runs (represented by the dotted line in
Figure 5.5 and Figure 5.6)
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Figure 5.5: Henry’s constants of H2 in n-alkanes at various gas compartment volumes,
showing that our systems exist in the limit (xi → 0) and show no further change with
decreasing xi
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Figure 5.6: Henry’s constants of CO in n-alkanes at various gas compartment
volumes, showing that our systems exist in the limit (xi → 0) and show no further
change with decreasing xi

Table 5.5: Henry’s constant of H2 and CO at 300 K in alcohols and alkanes derived
from simulation as the average of three runs at different pressures.
Solvent
Carbon
Number
4
8
12
16
20
24
28
32

H2 Henry's
Constant (bar)
n-alcohol n-alkane
3663
2356
1584
1081
923
807
679
539

1735
1428
881
690
700
96

CO Henry's
Constant (bar)
n-alcohol

n-alkane

2298
1217
696
536
415
404
347
345

1167
969
598
434
469

Values of the Henry’s constant from both experimental data (Table 5.3 and Table
5.4) and our MD simulations (Table 5.5) are presented in Figure 5.7 and Figure 5.8. For
H2 solubility (Figure 5.7) above about C16, the Henry's constants in alkanes and alcohols
are approximately the same. Below C16, the Henry's constant in alkanes rises slightly, but
remains approximately flat, while the Henry's constant in the alcohols rises relatively
sharply. The agreement between experimental data and the molecular simulations results
is good.

Figure 5.7: Henry’s constants of H2 in alkanes and alcohols at 300 K.
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Figure 5.8: Henry’s constants of CO in alkanes and alcohols at 300 K.

For CO solubility (Figure 5.8), values above about C16 the Henry's constants in alkanes
and alcohols are again approximately the same. Below C16, the experimental Henry's
constant in alkanes remains flat, while the simulation result rises. Below C16 for alcohols,
the Henry's constant from both experiment and simulation rise, but the simulation result is
higher than data for octanol and hexanol.
Another way to look at the results is to study the mass-based Henry's constants.
This may be useful since we may expect the mass Henry's constant to asymptote to a
constant at some high carbon number, CN.
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ℋ𝑚𝑎𝑠𝑠 = ℋ𝑚𝑜𝑙

𝑀𝑊𝑠𝑜𝑙𝑣𝑒𝑛𝑡
𝑀𝑊𝑠𝑜𝑙𝑢𝑡𝑒

(5.5)

Figure 5.9 and Figure 5.10 show mass-based Henry's constants for H2 and CO,
respectively, in the alkanes and alcohols.
As can be seen from Figure 5.7 and Figure 5.8, for both CO and H2 at higher CN,
the molar Henry’s constant appear to have similar values for both alcohols and alkanes, the
values for H2 being roughly 50% higher than the CO values. At lower CN for both H2 and
CO, Henry’s constants are higher for alcohols, the difference being more significant for
H2. In addition, the Henry’s constant increases more rapidly for smaller CN for alcohols
compared to alkanes. These trends are also evident in the Aspen Plus (i.e., data) estimations
(Table 5.3 and Table 5.4).

Figure 5.9: Mass-based Henry’s constants of H2 in alkanes and alcohols at 300 K.
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Figure 5.10: Mass-based Henry’s constants of CO in alkanes and alcohols at 300 K.

Our results show that in general, the variation in the mass-based Henry’s constants
is smaller in relative terms; for example, compare the variations with CN between Figure
5.7 and Figure 5.8 (mole-based) and Figure 5.9 and Figure 5.10 (mass-based). We also
expect that the mass-based Henry’s constant will asymptote to a finite value at large CN,
while the mole-based Henry’s constant will asymptote to zero for large CN. We therefore
attempted to estimate the limiting values of the mass-based Henry’s constants of H2 and
CO in the alcohol family. Figure 5.11 indicates that the solubility coefficients (S) of H2
and CO in the alcohols vary linearly with CN, and that the solubility coefficients of CO are
approximately double those of H2. Note that S is the reciprocal of the mole-based Henry’s
constants reported in Table 5.3, Table 5.4, and Table 5.5.
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Figure 5.11: Solubility coefficient (S ≡ 1/𝓗𝒊 ) of H2 and CO in the alcohols. S for each
solute varies approximately linearly with the alcohol carbon number.

𝑆(𝐻2 𝑖𝑛 𝑎𝑙𝑐𝑜ℎ𝑜𝑙) =

1
≈ 1.17 × 10−4 + (4.59 × 10−5 )𝐶𝑁 (5.6)
ℋ𝑚𝑜𝑙 (𝐻2 𝑖𝑛 𝑎𝑙𝑐𝑜ℎ𝑜𝑙)

𝑆(𝐶𝑂 𝑖𝑛 𝑎𝑙𝑐𝑜ℎ𝑜𝑙) =

1
≈ 2.31 × 10−4 + (9.20 × 10−5 )𝐶𝑁 (5.7)
ℋ𝑚𝑜𝑙 (𝐶𝑂 𝑖𝑛 𝑎𝑙𝑐𝑜ℎ𝑜𝑙)

(5.6) and (5.7) enable a simple correlation of the mass-based Henry’s constants, and these
are compared to the experimental and simulation results in Figure 5.12 and Figure 5.13.
Figure 5.12 indicates that the mass-based Henry’s constant of H2 in alcohols varies from
about 95,000 bar for methanol to a limiting value of about 150,000 bar for very large CN,
and with an uncertainty of ±20%, while Figure 5.13 indicates that the mass-based Henry’s
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constant of CO in alcohols varies from slightly under 4,000 bar for methanol to a limiting
value of about 5,500 bar for very large CN, and with an uncertainty of ±25%. These
uncertainties are consistent with the uncertainties reported earlier in this paper. Note that
the data scatter in Figure 5.12 and Figure 5.13 appears far greater than in Figure 5.11, but
this is simply because the variation in mass-based Henry’s constants with CN is relatively
small.

Figure 5.12: Estimation of trends and limiting values of mass-based Henry’s constants
of H2 in alcohols.
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Figure 5.13: Estimation of trends and limiting values of mass-based Henry’s constants
of CO in alcohols.

5.3 Water in Alkanes at Elevated Temperatures
Experimental and correlated data was taken from a number of sources159,166–169.
When comparing our results for hexadecane to this data (Figure 5.14), it was very clear
that the model was not predicting the correct solubility as the values were higher by
approximately one order of magnitude.
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Figure 5.14: Henry’s constants for water in hexadecane using the standard LorenzBerthelot mixing rules for non-polar interactions

Because the Henry’s constant is inversely proportional to liquid mole fraction ((5.2)), this
means that our simulations are predicting a much lower solubility than that which was
found experimentally. It is assumed that this was due to the mixing of the two models. The
SPC/E model for water is largely dependent on Coulombic interactions (the strength and
placement of the partial charges) and the Lennard-Jones energy interaction parameter, εW,
plays a small role in the properties of bulk water. On the other hand, the UA model for
alkanes contains no partial charges. Therefore, when these models are used to predict cross
interactions, the problem reduces to the solubility of LJ spheres (water) in LJ chains
(alkane) and Coulombic effects play no role. This brings the crossed LJ energy parameter,
εij, into the spotlight as the most important contribution to the model (note that the σij
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parameter is correctly approximating the size of the atoms and cannot be adjusted). This
means our low solubilities are due to a model that is predicting a non-polar attraction
between the water and alkanes that is too weak to match experimental solubilities.
Consider the Lorenz-Berthelot mixing rule for the LJ energy parameter:

𝜀𝑖𝑗 = (𝜀𝑖 𝜀𝑗 )

0.5

(5.8)

By introducing a scaling parameter, ξ,

𝜀𝑖𝑗 = 𝜉(𝜀𝑖 𝜀𝑗 )

0.5

(5.9)

this non-polar interaction can be tuned to achieve the correct solubility. This has been done
previously by Ballal et al.170 who were also studying the interaction between water and
alkanes. Using the Widom test particle insertion method, they found that a value of
ξ = 1.67 was required to match experimental solubilities. This corresponds to an increase
in εW/k from 78.2 K (SPC/E) to 220 K while keeping the alkane parameters, εA/k, constant.
The experimental data obtained by Skripka167 and the correlation of Tsonopoulos168 both
predict a Henry’s constant of ~17.3 MPa for water in hexadecane at 550 K; therefore, this
data point was chosen to fit our model. We found that in order to match this prediction,
ξ = 1.67 was not sufficient and that a value of ξ = 2.5, corresponding to εW/k = 500 K was
necessary (Figure 5.15).
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Figure 5.15: Adjustment of Lorenz-Berthelot scaling parameter for hexadecane at
550 K

Figure 5.16: Henry’s constants at multiple temperatures displaying no dependence
on liquid mol fraction
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Proceeding with this set of model parameters yields the results for hexadecane at
multiple temperatures and mole fractions shown in Figure 5.16 which displays the values
of the Henry’s constant of water in hexadecane at various liquid mole fractions obtained
via various system pressures. Here the error bars represent an error of 15% which is a
common value for these type of measurements65. This result is important as it shows our
results have converged as the Henry’s constant does not vary with decreasing liquid mole
fraction and can be taken to be the value at infinite dilution (the data at 700 K does however
show some scatter). Therefore the average of these three values (dotted line) is taken to be
the value at that temperature. These averaged results are displayed for both octane and
hexadecane in Figure 5.17. The results for all four alkanes can be seen in Figure 5.18. It
appears that the values obtained for octane may still be high, but the results for C16, C24,
and C32 all show good agreement. The results also follow the correct trend in that the water
becomes less soluble at higher temperatures although the slope is higher than that predicted
by correlations such as the one by Tsonopoulos.
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Figure 5.17: Effect of temperature on Henry’s constant water in a) octane b)
hexadecane

108

Figure 5.18: Henry’s constants for water in octane (C8), hexadecane (C16),
tetracosane (C24), dotriacontane (C32)

Further analysis using the van’t Hoff method can be performed to calculate the enthalpy of
solution:

−

Δ𝐻𝑠𝑜𝑙 𝑑[ln 𝐻 (𝑇)]
=
𝑅
𝑑(1⁄𝑇)

(5.10)

By plotting the natural logarithm of the resulting Henry’s constants against the reciprocal
temperature, we are able to estimate the enthalpy of solution by taking the slope of the data
(Figure 5.19).
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Figure 5.19: Van’t Hoff analysis to estimate the enthalpy of solution. The slopes are
calculated using a least squares method and yield values that are nearly identical

This method yields values for the enthalpy of solution that suggest that ΔHsol does not vary
with carbon number (Table 5.6). This agrees with experimental results obtained by
Nilsson171 at 298 K for water in alkanes between C7 and C12 although our values are
approximately 17%-30% lower.

Table 5.6: Enthalpy of Solution for water in various alkanes calculated using (5.10)
No.
Carbons

ΔHsol (kJ/mol)
This Work

ΔHsol (kJ/mol)
Exper.171

8
24.5 ± 3.7
34.9 ± 1.1a
16
28.8 ± 3.7
24
26.1 ± 3.7
32
26.6 ± 3.7
aThis value was found to be independent of carbon number over the range C to C
7
12
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CHAPTER 6: CONCLUSIONS AND RECOMMENDATIONS
In this thesis, molecular dynamics simulations were used to investigate a number
of systems involving semi-permeable membranes. These systems include both industrial
and model membranes. Systems with industrial membranes (CHAPTER 4) were studied
in order to determine if zeolite materials could be applied to a specific application, in this
case, redox flow battery ion exchange membranes. Model membranes were used in other
systems in order to determine thermophysical and transport properties of aqueous
electrolyte solutions (CHAPTER 3) and various gas/ liquid mixtures (CHAPTER 5).
CHAPTER 3 and CHAPTER 4 focused on aqueous electrolyte solutions and their
interactions with porous membranes. The hydration of the ions in the solutions is a key
mechanism in the selective permeability observed. The action of water molecules lightly
binding to the core ion via strong Coulombic forces results in a complex that can present
an effective size many times larger than the original solute. Properties of this complexation
were examined in CHAPTER 3 and several empirical correlations were developed for
predictive/ design purposes. The ionic properties of surface charge density, free energy of
solvation, and effective size are closely linked. Increasing charge density was found to
logarithmically increase the relative critical pore size for membrane separations due to the
more stable hydration shell that assembles. This molecular dynamics study led to a semiempirical expression (3.3) that could aid in the selection of membranes in applications
when preventing or allowing ionic transport is desired. Simulations were also used to
estimate ionic properties such as the charge density or the energy of solvation using a
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related empirical correlation (3.4). The influence of temperature on this effective size was
also explored, and at higher temperatures, the hydrated complex becomes more unstable
leading to an effective decrease in size. An Arrhenius-type relationship was used to define
an activation energy for this thermally-induced size change, which can be correlated with
the ion’s free energy of solvation (3.6). This activation energy can be thought of as a
measure of the sensitivity of the effective size to temperature fluctuations. This
phenomenon is more pronounced at lower solvation free energies where adding a small
amount of thermal energy can make a significant difference to the structure of the hydration
shell. Temperature effects on ionic solvation free energies were also observed and an
additional predictive correlation was shown to be accurate across the entire range. While
the models used in this chapter only account for the formation of hydrated ionic complexes
through the action of van der Waals and Coulombic forces, it is known that certain
transition metals form covalent bonds with their hydration shell. While these covalent
bonds may affect the residence time of water molecules in the hydration layer, the models
used in this study were shown to reproduce the experimental cation-water distances even
for such ions as Fe3+ and Cr3+. Consequently, we are confident that the accurate structural
behavior of the hydrated cation complexes was captured. CHAPTER 3 presents a number
of correlations that allow for the prediction of various properties of metal cations in bulk
aqueous solution and are likely to prove useful to the industrial application of membranes,
especially those based on steric separation.
CHAPTER 4 again demonstrated the importance of hydration layers when dealing
with size exclusion (steric) membranes. This work was able to reproduce the observed hydration
structures and ab initio calculated hydration energies for the vanadium(II), vanadium(III),
oxovanadium(IV), and dioxovanadium(V) ions present in vanadium redox flow batteries.
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Examination of both the structure and dynamics of these clusters during membrane transport yields
a number of observations that indicate the viability of zeolite ion-exchange membranes. The
octahedral structure of the hydration shells is very rigid and no deformation occurs even when in
close proximity to the pore walls. This rigid structure requires a larger pore in order for membrane
transport to occur. During this transport, the clusters spend short periods of time actually present
inside the pores. Based on the practical requirement that IEMs in RFBs be impermeable to the
electrochemically reactive ions, a framework type with a small enough pore must be selected while
still allowing for the transport of water and hydronium ions. The three membranes with larger pores
examined in this study (DON, CFI, BEC) display similar energy barriers for proton and vanadium
ion transport and thus would not be suitable for use in a vanadium-RFB. In the case of the DON
and CFI frameworks, the facile transport of vanadium containing ions would greatly reduce the
efficiency and lifetime of the battery. The BEC framework allowed vanadium containing ions to
enter the pores, reducing efficiency. The three membranes with smaller pores (MFI, LTA, ERI)
block all vanadium transport at the conditions in the present study, while still allowing for the
hydronium transport required for the operation of RFBs. This is evident in both the membranes’
energy barriers and non-equilibrium MD simulations.
Once it was established that MFI membranes were suitable for use in RFBs, we attempted
to further optimize the structure of the MFI membrane by changing the level of aluminum
substitution to further examine the effect of membrane composition on both ionic selectivity and
permeability. It was determined that increasing the number of Al-for-Si substitutions per unit cell
leads to an increase in hydronium ion uptake. Conversely, the diffusion of these hydronium ions
within the membrane decreases as successive framework substitutions are made. This is a result of
the ions interacting with charges introduced on the membrane surface. These two competing effects
lead to a membrane permeability that plateaus at a Si/Al ratio of ~45. Experimental validation of
this prediction would help to determine the exact level of aluminum substitution that would lead to
a maximum value of proton transport across the membrane.
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In the course of this investigation, excess protons were treated as permanently hydrated
water molecules using classical potentials; however, there exists an additional mechanism for
proton transport in aqueous solution which involves “hopping” along sequences of water molecules
(Grotthuss diffusion). The latter requires a quantum description of proton movement from a
hydronium ion to a neighboring water molecule. This approach may be able to yield more accurate
results for proton diffusion within the confined environments of the zeolite pores, but this is beyond
the scope of the current study.
As a final point, the conclusions in CHAPTER 4 are based on thin membranes constructed
of single crystal structures. Actual synthesized zeolite membranes may involve crystal
intergrowths, defects, and other imperfections which may result in non-uniform channels, nonuniform axis orientations, or even incomplete walls. It is obviously necessary to fully characterize
the as-synthesized membrane structure before attempting to use it for IEM purposes.
While we have examined many zeolite framework types and compositions, additional work
must be done to examine other reactive ion pairs. Ions in our simulations include: V2+, V3+,
V4+(VO2+), V5+(VO2+); these should be compared with others such as: Fe2+, Fe3+, Cr2+, and Cr3+
(using counter ions SO42- and Cl-, etc.) in conditions relevant to RFB operations. The behavior of
these ions can first be estimated using the correlations in CHAPTER 3, and then confirmed using
the simulation protocol developed for the vanadium ions. The knowledge gained with the MFIbased membranes and various ion pairs should help to determine optimal surface characteristics
(hydrophobicity/ hydrophilicity; charge distribution; chemical makeup; defect placement), pore
structures, and operating conditions.
The thickness of the membrane can also be varied to understand the microfluidics of flow
inside the membrane. While we only examined diffusive transport, this will allow for the
determination of the fluid mechanics principles that govern transport of both water and protons
inside the membrane under state conditions and environments encountered in RFBs. Of particular
importance, is the investigation of whether the separation of the ions in the system (because of the
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semi-permeable nature of the membrane) can be interpreted using Gibbs-Donnan equilibrium41.
For example172, pressure-driven non-equilibrium molecular dynamics simulations have been
performed to drive NaCl electrolyte through a nanopore of 1.2-nm diameter in a model membrane.
It was reported that ion rejection due to surface charge effects leads to Donnan ion exclusion173.
Recent studies have suggested changes in the conventional form of the Gibbs-Donnan equation by
including the proton activity as well, but this still leads to a considerable gap between the predicted
and experimental voltage of RFBs174. Future studies could help clarify issues related to the direct
application of the Donnan equation to such systems, and can also suggest methods of incorporating
additional terms if needed. Another recent experimental study175 on RFBs has been interpreted
using the continuum equation:

𝑉𝑅

𝑑𝐶𝑅 (𝑡)
𝑃𝑏,𝑉
[𝐶𝐿 − 𝐶𝑅 (𝑡)]
=𝐴
𝑑𝑡
𝛿

where subscript R refers to the right reservoir and L the left, C the concentration, A and δ the area
and thickness of the membrane, and Pb,V the permeability of the vanadium ions. This equation
implicitly assumes that Pb,V is independent of concentration, changes in vanadium concentration
are negligible, and the pseudo equilibrium exists. A molecular simulation study of this system will
be able to test these assumptions. If they are found to be inaccurate, corrections could be included
in the continuum equations to allow experimentalists to better interpret and correlate their studies.
As our results in CHAPTER 3 and CHAPTER 4 demonstrate, ion-hydration plays an
important role in determining ion mobility, especially in confined regions. For example 176, ionhydration in confined solutions has been studied using polarizable force fields. Others 177 have
studied the microstructure and molecular mobility in swollen Nafion membranes using molecular
dynamics method and observed the formation of water clusters. Ernesto et al.178 have examined the
ion-conductivity in chitosan to describe ionic conductivity in the polymer matrix. A better

115

understanding of how the size and polarizability of the ions affect the ion mobility inside membrane
channel is of great importance for RFB membrane design and should be examined further.
In addition, the role that electric fields can play in facilitating ion transport in the
membranes should be investigated. Previously, extensive studies have been carried out on the
transport of ions both in bulk systems and membranes under the influence of electric fields 179,180.
These results have shown that the effect of electric fields on ion transport can be complex. For
example drift velocities of ions show rather unusual nonlinear behavior as a function of electric
fields. This is related to the energy barriers associated with changing the structure of hydrated ions.
Moreover, while the transport rate of water does not change appreciably by electric fields in bulk
solutions, it does change in confined systems because the structure of water clusters change under
electric fields. This change of water cluster structure affects the effective size of the clusters only
slightly, but in confined system such a small variation can have a significant influence on the
transport rates.

CHAPTER 5 differs from previous chapters in that it is not concerned with ionic
solutions. This work has used a combination of data analysis and molecular simulations to
study various gas/ liquid systems in order to determine solubility properties. This technique
took advantage of model semi-permeable membranes, as discussed previously. The main
findings dealt with hydrogen and carbon monoxide solubility in heavy n-alcohols and nalkanes. It was found that the molar Henry’s constants for all systems decrease with
increasing carbon number causing the solubility coefficient to increase in a linear manner.
This allows for extrapolation to higher carbon numbers and the determination of limiting
values. Additional work was performed on systems consisting of water and n-alkanes at
high temperatures. This was able to reproduce the constant enthalpy of solution as the
alkane length increased, but further work needs to be done to verify that the models
accurately represent the nonpolar interactions present. These studies indicate that
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molecular dynamics simulations provide an accurate predictive tool for such systems, and
are equally applicable to those that are considered challenging for traditional
experimental/estimation approaches. The molecular dynamics method utilized is especially
attractive for investigating a solute in a family of solvents since the potential models appear
to completely transferable for such systems and require no further force-field model
development. The method could be especially attractive for state conditions that are
difficult or dangerous to study experimentally. Finally, the study of families of compounds
enables the development of simple correlations to establish trends and the estimation of
limiting asymptotic behavior.
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APPENDIX
Authors of Elsevier journals such as Fluid Phase Equilibria are permitted to use their
published works in any thesis or dissertation that goes toward the awarding of a degree.
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